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ABSTRACT OF THE DISSERTATION
Coupling of the Biogeochemical Cycles of Uranium and Manganese: Implications for the
Fate and Transport of Uranium in Subsurface Environments
by
Zimeng Wang
Doctor of Philosophy in Energy, Environmental, and Chemical Engineering
Washington University in St. Louis, 2013
Professor Daniel Giammar, Chair

Organic electron donor stimulated microbial reduction of U(VI) to U(IV) has been
proposed as a strategy for the in situ immobilization of uranium contamination in the
subsurface. The success of the bioremediation of uranium relies on the stability of the
reduced U(IV) species (e.g., UO2) with respect to reoxidation and/or remobilization
under groundwater conditions. Manganese is present at appreciable concentrations at
several uranium-contaminated sites, and the redox cycling of manganese may
significantly impact uranium’s fate and transport. The biogeochemical coupling of
uranium and manganese involves multiple interaction pathways that occur in the aqueous
phase as well as at solid-water interfaces. A mechanistic and quantitative understanding
of these processes is needed to establish input parameters for reactive transport models
and to enable decision-making for remediation strategies.
Coupling of the biogeochemical cycles of uranium and manganese involves various
interfacial reactions that occur between UO2 and Mn species of various oxidation states
(+IV, +III and +II). This study investigated the physical and chemical factors controlling
xvi

the interactions between uraninite (UO2) and manganese oxide (MnO2), which are both
poorly soluble minerals. A multi-chamber reactor with a permeable membrane was used
to simulate a barrier for direct contact of the two solids. The results suggested that an
effective redox reaction between UO2 and MnO2 requires physical contact. Continuouslystirred tank reactors (CSTRs) were used to evaluate the dissolution rates of UO2. MnO2
dramatically promoted UO2 dissolution, but the degree of promotion leveled off once the
MnO2:UO2 ratio exceeded a critical value. The fate of uranium and manganese after the
reaction was investigated by chemical extraction and X-ray absorption spectroscopy
(XAS). Substantial amounts of U(VI) and Mn(II) were retained on MnO2 surfaces, and
the fate of Mn products may involve Mn(III) phases. A conceptual model was proposed
to describe the oxidation of UO2 by MnO2, which is potentially applicable to other
environmental redox processes involving two poorly soluble minerals.
Although MnO2 can oxidize UO2, the U(VI) produced may not be readily released
into the aqueous phase due to its strong adsorption to MnO2. This study integrated batch
experiments of U(VI) adsorption to synthetic and biogenic MnO2, surface complexation
modeling (SCM), and molecular-scale characterization of adsorbed U(VI) with extended
X-ray absorption fine structure (EXAFS) spectroscopy. The surface complexation model
incorporated the surface complexes that are consistent with EXAFS analysis, and it could
successfully simulate adsorption results over a broad range of pH and dissolved inorganic
carbon concentrations. The description of bidentate surface complexes, which are widely
observed for contaminant adsorption to metal oxides including the U(VI)-MnO2 system,
is a subject with considerable confusion in the literature. Consequently, a critical review
was prepared that discussed the theoretical and practical aspects of mass action
xvii

expressions for bidentate surface complexation reactions. Suggestions were provided for
handling bidentate reactions and publishing results without ambiguity or confusion.
The effects of soluble Mn species (+III and +II oxidation states) on UO2 dissolution
were also investigated. Soluble Mn(III) species were recently identified as important
intermediates in Mn biogeochemical cycling. This study evaluated the kinetics of
oxidative UO2 dissolution by soluble Mn(III) stabilized by pyrophosphate (PP) and
desferrioxamine B (DFOB). The Mn(III)-PP complex was a potent oxidant that induced
rapid UO2 dissolution at a rate higher than by a comparable concentration of dissolved O2.
However, the Mn(III)-DFOB complex was not able to induce oxidative dissolution of
UO2. The potency of Mn(III) with respect to oxidizing UO2 was governed by the identity
of the ligand and water chemistry parameters that affect the speciation of the Mn(III).
The effect of soluble Mn(II) was more complicated than that of non-redox-active divalent
cations (e.g., Ca and Zn). Under anoxic conditions, Mn(II) inhibited UO2 dissolution,
which may be attributed to both Mn(II) adsorption to the UO2 surface and precipitation of
MnCO3, both of which could decrease the exposure of U(IV) surface sites. In contrast to
the anoxic conditions, Mn(II) promoted UO2 dissolution under oxidizing condition. The
promotional effect was likely due to Mn redox cycling in which oxidized forms of Mn
species were (re)generated as oxidants of UO2 that were more potent than O2. The
observed effects of soluble Mn(II, III) species on UO2 dissolution highlighted the need to
consider Mn redox intermediates in facilitating electron transfer processes in subsurface
biogeochemical cycles.
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Chapter 1. Introduction
1.1 Motivation
Soil and groundwater contamination by heavy metals and radionuclides poses a
threat to the quality of water resources and terrestrial ecosystems. The fate and
transport of metals and radionuclides in subsurface environments are strongly
influenced by biogeochemical processes occurring at solid-water interfaces. These
processes include adsorption-desorption, dissolution-precipitation, and redox
reactions. These complex interactions usually facilitate the coupling of the
biogeochemical cycles of two or more elements. As abundant transition metals, iron
and manganese have more than one oxidation state with complicated mineralogy and
interfacial properties, so their biogeochemical cycling may exert important impacts
on the environmental behaviors of trace metals that are present and of concern as
contaminants. A comprehensive understanding of these biogeochemical couplings is
essential to the sustainable management of contaminated soil and groundwater
systems.
Uranium contamination of soil and groundwater is a legacy of past production
and waste disposal activities associated with nuclear weapons development, and it is
a continuing concern associated with the mining, milling and processing of materials
for the nuclear power industry (Abdelouas et al., 1999; Wang et al., 2012a). The
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contamination caused by past activities is extensive and widespread. The Department
of Energy manages 64 contaminated sites from activities in 25 states, many of which
have not received any remediation treatments. Waste storage practices associated
with ore processing can mobilize uranium into groundwater and soil media, and the
airborne particles produced in the processing could also deposit on surface soil and
potentially leach uranium into deeper subsurface environments. The chemical
toxicity and potential radiotoxicity of uranium pose concerns regarding the
contamination of groundwater as drinking water sources. The federal standard for
uranium in drinking water is set at 30 μg/L (maximum contaminant level) and has
been effective since 2003 (USEPA, 2000).
The widespread distribution of uranium at many contaminated sites makes
traditional pump-and-treat approaches for groundwater remediation economical
infeasible. Therefore, in-situ remediation strategies that could decrease the mobility
of uranium have been extensively studied in the last two decades. Immobilization of
uranium is usually achieved by precipitation. In oxic environments, uranium is
primarily present as soluble U(VI) species. One of the approaches of in-situ
immobilization of uranium can be achieved by adding phosphate to form U(VI)phosphate precipitates (Singh et al., 2010a). Another approach involves redox
transformation of uranium. When uranium is reduced from the +VI to +IV oxidation
state, it can be immobilized via precipitation due to the low solubility of solid UO2
(Langmuir, 1978). Enzymatic reduction of U(VI) under anaerobic conditions has
been achieved using dissimilatory metal-reducing bacteria and electron donors
(acetate, lactate etc.) both in the laboratory (Lovley et al., 1991) and the field
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(Marsili et al., 2007). This process typically yields low solubility U(IV) species, such
as nano-UO2 (Bargar et al., 2008) and molecular U(IV) products (Bernier-Latmani et
al., 2010; Fletcher et al., 2010). Therefore artificially stimulating the indigenous
bioreduction process was proposed as a promising in-situ remediation strategy for
uranium contamination in subsurface environments.

Figure 1.1. Generalized profiles of key redox species in a hypothetical uranium
contaminated groundwater plume in which acetate is used to stimulate microbial
reduction. The zone where Mn-U redox coupling could occur is illustrated in the dashed
box.

The stability of biologically reduced U(IV) products produced during bioreductive immobilization processes can determine the success of bioremediation
efforts. The oxidation U(IV) back to U(VI) can remobilize the uranium
contamination. The presence and concentration of oxidants and water chemistry
conditions can affect the rate and extent of oxidation of U(IV) species. Once the
3

electron donor supply ceases, insoluble U(IV) species can be reoxidized by O2
(Moon et al., 2007), the products of denitrification (Senko et al., 2005a) and metal
oxides (Liu et al., 2002; Ginder-Vogel et al., 2010). The availability of these
geochemical oxidants to U(IV) species is controlled by redox zonation and mass
transfer, which may have significant temporal and spatial variations at contaminated
sites (Zachara et al., 2013).
Manganese is present at appreciable concentration (1-20 μM) in groundwater at
several uranium-contaminated sites (Landa and Gray, 1995; Abdelouas et al., 2000;
Campbell et al., 2011). Manganese oxide minerals are ubiquitously present in natural
environments as coatings and fine aggregates (Post, 1999). Manganese oxides can
exert major influence on various geochemical processes through adsorption and
redox reactions even if they are only present as minor constituents in the subsurface
(Borch et al., 2010). Their occurrence is largely driven by Mn-oxidizing
microorganisms (bacteria and fungi), which can rapidly generate Mn oxides even at
extremely low dissolved oxygen concentration (Tebo et al., 2004). Biogenic Mn
oxides are highly reactive oxidants and strong adsorbents for heavy metals. A
possible scenario is that as more oxic conditions return following bioremediation,
oxidized forms of Mn will be produced biologically and may in turn oxidize U(IV).
This catalytic cycle can be sustained as long as micromolar concentrations of Mn(II)
are available (Chinni et al., 2008). Such interactions are expected to occur at redox
transition zones, such as at the interfaces of moving or shrinking anoxic groundwater
plumes with oxic groundwater at the plume margins. Therefore, manganese redox
cycling can potentially couple with the biogeochemical processes of uranium by
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altering its oxidation state and partitioning. This coupling of the uranium and
manganese cycles can ultimately govern the mobility of uranium (Figure 1.1).
Identification of the rates and mechanisms of reactions that control contaminant
fate and transport are fundamental to the remediation and management of
contaminated sites. Characterizing the molecular-scale processes that couple U(IV)
stability to subsurface Mn cycling can improve the mechanistic constraints of the
conceptual models. Pinpointing sites where these coupled processes occur will be
crucial to designing optimal remediation strategies as a function of various site
conditions. The study of coupled biogeochemical cycles of uranium and manganese
can also generate knowledge beyond the two specific elements investigated in this
project. Mn redox cycling is also expected to impact the fate of other redox active
contaminants and nutrients like arsenic, chromium, selenium, plutonium as well as
iron and sulfur. The knowledge of uranium and manganese interactions would also
provide generally applicable insights for similar coupled biogeochemical redox
processes.

1.2 Research Objectives
The overarching objectives of this project were to identify the conditions under
which U(IV) oxidation and remobilization can be coupled with Mn biogeochemical
cycling and to elucidate the biogeochemical and physical processes that control the
rates and mechanisms of these interactions. The specific processes covered in this
work involved three oxidation states of Mn, (+II, +III and +IV) and two oxidation
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states of U (+IV and +VI). Adsorption and precipitation processes occurring on the
relevant solids (Mn oxides and uraninite) were also investigated. Three specific
research objectives were pursued.
Objective 1: Characterize the physical and chemical factors that govern the
rates and mechanisms of MnO2-UO2 interactions.
The requirement of physical contact or proximity between the two dissimilar
solids was anticipated due to the low solubility of the two minerals. Controlled
experiments and modeling were performed to quantify the extent to which direct
contact is needed to facilitate effective electron transfer from UO2 to MnO2. Once a
requirement of physical contact was established, rates of UO2 dissolution induced by
MnO2 in well mixed system were quantified to probe the effects of water chemistry
factors. Ultimately, a conceptual model of the UO2-MnO2 interactions can shed light
on the interpretations of redox reaction kinetics involving two poorly soluble
minerals in subsurface.
Objective 2: Evaluate the adsorption of U(VI) to MnO2 under conditions
relevant to subsurface environments.
As UO2 oxidation by MnO2 proceeds, the oxidation product U(VI), which is
usually expected to have higher solubility than U(IV), may not be readily released
into the aqueous phase due to its strong adsorption to Mn oxides. U(VI) adsorption to
MnO2 strongly depends on the water chemistry. Using environmentally relevant Mn
oxide materials and comparing chemogenic and biogenic materials enabled better
transferability of the laboratory derived results to real environments. Surface
complexation modeling is a useful tool to predict the impact of water chemistry on
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U(VI) adsorption, and can be potentially integrated into reactive transport models.
Spectroscopy-based understanding the molecular mechanism of U(VI) uptake on the
surface of Mn oxides provided important constraints in developing the models.
Objective 3: Investigate the effects of soluble Mn species (trivalent and
divalent) on UO2 dissolution
In addition to the investigation of particulate MnO2 as the starting phase of Mn,
the dynamics of U remobilization mediated by aqueous Mn species at +III and +II
oxidation states were also examined. Ligand-stabilized Mn(III) complexes were
anticipated to be a geochemical oxidant. It may be possible to relate effects of water
chemistry on their reactivity to the their speciation, coordination structure and
energetic favorability. The behavior of soluble Mn(III) with respect to UO2 oxidation
as a function of water chemistry and ligand identity may be generally applicable for
considering aqueous Mn(III) species as geochemical oxidants. The role of Mn(II)
was hypothesized to be more complex than that of non-redox-active cations like
Ca(II) and Zn(II). Previous studies have shown that biological Mn oxidation that
generates Mn oxide could in turn accelerate the oxidation of UO2. Questions
remained whether such catalytic effects also exist in abiotic systems, and whether the
redox conditions (i.e., the dissolved oxygen concentration) would manipulate the
effect of Mn(II) on UO2 stability. Controlled experiments and solid characterization
helped to refine the conceptual model of the coupled biogeochemical processes of
uranium and manganese.
Auxiliary Objective: Clarify the critical issues regarding the mass action
expressions in multidentate surface complexation modeling
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This objective directly derived from the investigation of U(VI) adsorption to
MnO2, but it is also relevant to the dissertation’s overall scope of contaminant fate
and transport. Multidentate surface complexation reactions are widely reported in
literature, but the incorporation of these reactions in numerical models has been
compromised by confusion and ambiguity in literature for the past decades. It was
hoped that a critical, comprehensive, and straightforward discussion with illustrative
examples and practical suggestions could shape the future literature on surface
complexation modeling by minimizing confusion and mishandling.

1.3 Approaches
To meet the objectives outlined above, a series of controlled laboratory
experiments were designed and conducted. For this work, laboratory experiments
were selected as the primary focus over field investigations. Because the central
objectives were to investigate the mechanism of various chemical processes, it was
desirable to focus on particular processes for extensive studies. Well controlled
laboratory experiments can also minimize the complex interference from a field
setting, particularly when solid characterizations are needed to probe into the
molecular-scale information. Once individual processes are understood in depth,
their behavior in the complex field environments can be anticipated and further
characterized if needed.
Multiple reactor techniques were used to quantify the rate and equilibrium of
various aqueous geochemical processes. Flow-through reactor experiments allowed
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the quantification of steady-state reaction rates by eliminating the accumulation of
reaction products. Multichamber reactor experiments could simulate the presence of
a physical barrier that prevents direct contact of two minerals in separated chambers
while still allowing the free transport of aqueous species. Controlling the chemical
composition, including the dissolved oxygen concentration, was critical for the
experiments. Many of the experiments that required maintenance of anoxic
conditions were performed in an anaerobic chamber.
In all experiments, an approach was followed that integrated macroscopic
solution

chemistry

measurements

with

microscopic

and

molecular-scale

characterization of the reacting solids. Inductively coupled plasma mass
spectrometry (ICP-MS) was used as the primary analytical method for dissolved
metal concentrations. A UV-Vis spectrophotometric method was used to quantify the
concentration of soluble Mn(III) pyrophosphate complexes. Multiple techniques
were employed for solid characterization at different spatial scales. X-ray diffraction
(XRD) was used to identify the information of the crystal structure of the minerals.
Scanning electron microscopy (SEM) and transmission electron microscopy (TEM)
were used to image the reacting solids. X-ray absorption spectroscopy (XAS) was
used as an element-specific technique to probe the molecular-scale properties of
uranium and manganese. X-ray absorption near edge structure (XANES) provided
quantitative information about the oxidation state of the specific elements in solid
samples. Extended X-ray absorption fine structure (EXAFS) was used to characterize
the coordination environments of a specific atom associated with neighboring atoms.
EXAFS was used as a fingerprinting technique for mineral identification for simple
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Figure 1.2. Overview of research tasks addressed in the dissertation

samples using a linear combination fitting method with reference spectra of known
materials. Shell-by-shell fitting of the EXAFS spectra provided highly sensitive
characterization of the coordination number and distances from the specific atom to a
neighboring atom.

1.4 Overview of Dissertation
This project is operationally divided into three tasks (Figure 1.2) in accordance
with the three key objectives outlined before. Each task is addressed in one or two
chapters in the dissertation.
Task 1: Determine the physical and chemical factors that govern the kinetics
and mechanisms of UO2-MnO2 interactions
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Task 1 is addressed in Chapter 3. Experiments using multi-chamber reactors
indicated that direct physical contact is needed for effective interaction of UO2 and
MnO2. The chemical factors, such as MnO2 and dissolved inorganic carbon
concentration, were investigated using continuously stirred tank reactors, which
allowed quantification of steady-state dissolution rates of UO2 in the presence of
MnO2 in a well mixed system. X-ray absorption spectroscopy was used to probe the
fate of U and Mn during the redox interactions. A conceptual model was developed
to describe the oxidation rate of UO2 by MnO2, which is potentially applicable to a
broad range of water chemistry conditions and is relevant to other environmental
redox processes involving two poorly soluble minerals.
Task 2: Evaluate the adsorption of U(VI) to chemogenic and biogenic Mn
oxides and develop predictive models that are consistent with molecular
characterization
Task 2 is addressed in Chapters 4 and 5. In Chapter 4, the adsorption of U(VI) to
both chemogenic and biogenic Mn oxides was quantified as a function of pH and
concentrations of dissolved inorganic carbon and total U(VI) concentrations.
Extended X-ray absorption fine structure spectroscopy (EXAFS) provided useful
information in developing a surface complexation model (SCM) that could predict
U(VI) uptake over a broad range of chemical conditions. The SCM for the U(VI)MnO2 system involved bidentate surface species,

which is a subject with

considerable confusion and mishandling in literature. In Chapter 5, theoretical and
practical aspects about mass action expressions for bidentate surface complexation
reactions were discussed with a critical review of literature, textbook and software
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programs. The implications of selecting an approach for multidentate SCM were
illustrated with a previously published data set. Practical suggestions were provided
for handling multidentate reactions and publishing results without ambiguity or
confusion.
Task 3: Investigate the interaction between soluble Mn species (trivalent and
divalent) and UO2 dissolution and the implications for UO2 stability
Task 3 is addressed in Chapters 6 and 7. Chapter 6 focuses on batch experiments
of UO2 oxidative dissolution induced by ligand-stabilized soluble Mn(III)
complexes. Two representative and environmentally relevant Mn(III) ligands,
pyrophosphate and desferrioxamine B (DFOB) were selected. The effects of pH and
ligand:Mn(III) ratio on the reaction rates were studied within a unified kinetic model.
Chapter 7 quantifies the dynamics of Mn(II)-UO2 interactions in oxidizing and
reducing conditions. Batch and continuously stirred tank reactor experiments were
conducted at various water chemistry conditions, and solid samples were
characterized by X-ray diffraction and scanning electron microscopy. There results
advanced our mechanistic understanding of the effects of Mn redox cycling on U(IV)
stability, which may be applicable to other redox active elements in subsurface
environments.
Chapter

8

summarizes

the

results

of

the

present

work.

Important

accomplishments are highlighted, and areas for future investigation are identified.
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Chapter 2. Coupled Biogeochemical
Processes of Uranium and Manganese
2.1 Uranium Biogeochemistry
Uranium’s average concentration in the Earth’s crust is 2 to 4 parts per million,
ranked the 51st element in order of abundance. The concentration of uranium in soil
ranges from 0.7 to 11 parts per million. Dissolved uranium can be detected in almost
any natural water. The largest reservoir of dissolved uranium is seawater with a
highly uniform concentration of 3.3 μg/L. The concentration of dissolved uranium in
groundwater is usually in the range of 0.1 to 50 μg/L. The release of uranium into
groundwater is primarily from the weathering of uranium-bearing minerals, which
could be both naturally occurring or introduced from anthropogenic activities that
involve uranium processing and phosphate fertilizers. The dissolved uranium
concentration at contaminated sites can reach 100’s µg/L for groundwater at neutral
pH (e.g., Rifle and Hanford sites) (Campbell et al., 2011; Zachara et al., 2013) and
can be orders of magnitude higher for acidic groundwater (e.g., Oak Ridge site) (Wu
et al., 2006a).
The solubility of uranium in aqueous systems is predominantly governed by three
factors: redox potential, pH and complexing ligands (Figure 2.1). In conditions of
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natural and contaminated aqueous systems, uranium can be stable in oxidation states
of +IV and +VI. U(III) and U(V) can also be dissolved in water but U(III) is a very
strong reductant with a standard reduction potential of −0.553 V for the U3+/U4+
couple (Guillaumont et al., 2003) and is considered to be highly unstable, and
aqueous U(VI) rapidly disproportionates at circum-neutral pH.

Figure 2.1. Overview of uranium aqueous biogeochemistry

2.1.1 Aquatic environmental chemistry of uranium (VI)
Under oxic aqueous conditions, uranium is in the +VI oxidation state, which is
highly soluble. The simplest aqueous U(VI) species is the linear uranyl dioxo ion
(UO22+), which is predominant at low pH. As the pH increases, U(VI) can hydrolyze
and form an array of mono- and polynuclear uranyl hydroxide complexes. U(VI)
(hydr)oxide minerals (e.g., schoepite) have solubility around 1 μmol/L (for dissolved
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Figure 2.2. Simulated solubility and speciation of U(VI) (panel a and b) and U(IV)
(panel c and d) in the absence (panel a and c) and presence of dissolved inorganic carbon
(panel b and d). The solid lines represent the total dissolved uranium concentration. The
solid phases considered are schoepite and UO2(am) for U(VI) and U(IV) system,
respectively. A total uranium concentration of 0.01 M and a DIC concentration of 1 mM
were used in the calculation. The thermodynamic constants used in the calculation were
based on Guillaumont et al., 2003. Amorphous UO2 was used to representate the U(IV)
solid, as it was reported to give better agreements with the solubility of UO2 in laboratory
(Ulrich et al., 2009). No ionic strength correction was made in the calculation. Note that
MCL of uranium for drinking water is 1.26 × 10−7 M.

U) in pure water at neutral pH. The presence of carbonate can significantly increase
the solubility of U(VI) by forming a series of highly stable uranyl carbonate
complexes (Figure 2.2 a and b). The speciation of uranyl carbonate complexes is pH
dependent. Ternary complexes of uranyl and carbonate with alkaline earth metals
(e.g., MUO2(CO3)2+, M2UO2(CO3)3(aq), M2+ denotes the divalent metal) may also be
important given the abundant concentrations of Ca2+ and Mg2+ in groundwater
environments (Dong and Brooks, 2006). While carbonate and hydroxide are the most
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important complexants that control speciation of dissolved U(VI), sulfate, fluoride
(Patil and Ramakrishna, 1976), and organic ligands (Suzuki et al., 2010; Luo and Gu,
2011) may also bind with U(VI) and form aqueous complexes.
For many soil and sediments, the solid-water partitioning of U(VI) is
predominantly controlled by adsorption to mineral surfaces including iron
(hydr)oxides, quartz and clay (Barnett et al., 2000; Giammar and Hering, 2001;
Wang et al., 2011b). Extensive knowledge has been generated in the last two decades
to provide both quantitative and mechanistic understanding of adsorption processes
of uranium(VI). Precipitation of U(VI) with phosphate could decrease the solubility
of uranium by forming autunite-group minerals, with the most drastic effect at
slightly acidic pH (Cheng et al., 2006; Singh et al., 2010a). Co-precipitation of
hexavalent uranium, calcium (or potassium) and vanadate may also occur at
subsurface relevant conditions (Tokunaga et al., 2009; Tokunaga et al., 2012). The
knowledge of U(VI) aqueous environmental chemistry provides the basis for
developing reactive transport models (Kohler et al., 1996; Rotter et al., 2008) and insitu remediation approaches based on precipitation or enhanced adsorption processes
(Singh et al., 2010a; Wan et al., 2011).

2.1.2 Reduction of uranium (VI) to uranium (IV)
The redox transition from U(VI) to U(IV) in low temperature sediments controls
the mobility of uranium in aquifers and mediates the enrichments of uranium in ore
bodies. Under reducing conditions, uranium is thermodynamically stable in its +IV
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Figure 2.3. pe-pH diagram for aqueous and solids of uranium species in equilibrium with
a representative groundwater composition at the Rifle site, Colorado. The total uranium
concentration in the simulation is 30 μg/L (the MCL for drinking water). Major
groundwater ions considered are Mg2+ (120 mg/L), Na2+ (390 mg/L), K+ (15 mg/L),
HCO3− (61 mg/L), SO42− (1500 mg/L), Cl− (176 mg/L), Ca2+ (201 mg/L). The
thermodynamic constants used in the calculation were based on Guillaumont et al., 2003.
The diagram was prepared with the Act2 program in the Geochemist’s Workbench
(Bethke and Yeakel, 2010). No ionic strength correction was made in the calculation.

oxidation state, which is considerably less soluble than uranium (VI) (Guillaumont et
al., 2003) (Figure 2.3). Aqueous U(IV) can form complexes with hydroxide, sulfate
fluoride and some organic ligands (Frazier et al., 2005; Luo and Gu, 2008), but their
stability constants are much smaller than those for U(VI) (Figure 2.2 c and d). The
reductive precipitation of U(IV) in the form of uraninite (UO2) controls the natural
accumulation of uranium in ores (Hobday and Galloway, 1999). The reduction of
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U(VI) to U(IV) under subsurface relevant conditions can be mediated by various
abiotic and biotic processes.
Mineral surfaces like iron oxides and clay minerals can enable the surfacemediated reduction of of U(VI) by sorbed Fe(II), which was proposed as an
important abiotic pathway of reductive uranium immobilization (Liger et al., 1999;
Chakraborty et al., 2010; Fox et al., 2013). Magnetite (Scott et al., 2005), green rust
(O'Loughlin et al., 2003), and sulfide-bearing minerals like mackinawite (FeS)
(Gallegos et al., 2013; Veeramani et al., 2013) were also proposed to facilitate
uranium reduction. Reduction of uranium can also be microbially mediated. Iron
reducing (Lovley et al., 1991) and sulfate reducing (Lovley and Phillips, 1992)
microorganisms as well as metabolically inactive bacterial spores (Vecchia et al.,
2010) are capable of reducing U(VI) to U(IV). Recent investigations (Bargar et al.,
2013) suggested that organic electron donor stimulated uranium reduction may
involve a complex interplay of both abiotic and biotic pathways, in which biomass,
phosphate, and biogenic mackinawite (FeS) may play important but previously less
appreciated roles in reducing U(VI) to U(IV).

2.1.3 Bioremediation of uranium
Artificially stimulating the reduction of uranium in soil and groundwater by
providing electron donors has made several in-situ remediation techniques possible,
some of which have been successfully implemented under field conditions. For
example, electrons can be delivered by zero-valent iron (Gu et al., 1998; Yan et al.,
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2010), mackinawite (Gallegos et al., 2013), and by electrodes with externally applied
potentials (Gregory and Lovley, 2005). The approach that has received the most
interest and investigation is stimulation of the indigenous microbial community by
injecting organic electron donors (e.g., acetate), which is usually considered as a
bioremediation strategy. Originally proposed from laboratory studies (Lovley et al.,
1991; Lovley and Phillips, 1992), this approach has been successfully implemented
at pilot-scale at uranium contaminated sites (Wu et al., 2006b; Li et al., 2009). The
product of microbial mediated uranium reduction was initially characterized to be
biogenic uraninite (bio-UO2) (Bargar et al., 2008). In spite of its diminutive size, the
molecular-scale structure, energetics, and surface area normalized dissolution rates
of biogenic uraninite appear to be similar to those of coarser chemogenic UO2
(Ulrich et al., 2008). Recent studies identified monomeric forms of U(IV)
coordinated to phosphate or carbonate groups on biological surfaces or in amorphous
or nanocrystalline precipitates (Bernier-Latmani et al., 2010; Fletcher et al., 2010).
Monomeric U(IV) was recently characterized to be more labile with respect to
complexation and oxidation (Alessi et al., 2012; Cerrato et al., 2013). The variations
of U(IV) products formed under different biogeochemical conditions across lab and
field conditions may be attributed to the presence of multiple redox transition
pathways (Bargar et al., 2013).
The stability of biologically reduced U(IV) products with respective to
remobilization can determine the success of bioremediation efforts. Extensive
knowledge has been generated during the last decade to establish the biogeochemical
factors that control dissolution rates of UO2. These factors include pH, carbonate,
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organic ligands, cation composition, the identity and concentration of oxidants, and
diffusive transport limitation (Casas et al., 1998; Pierce et al., 2005; Ulrich et al.,
2008; Campbell et al., 2011; Luo and Gu, 2011; Cerrato et al., 2012; Giammar et al.,
2012). It should be noted that even under reducing conditions, water and its
dissociation and radiolysis products can act as oxidants of UO2 and induce slow but
continuous oxidation of the surface (Christensen et al., 1994; Ulrich et al., 2009).
Therefore, the stability of UO2 under nominally anoxic conditions still involves
oxidative dissolution that cannot be merely described by U(IV) thermodynamics.
Generally, the effect of ligands on UO2 dissolution kinetics is by facilitating the
detachment of dissolution intermediates that are initially associated with solid
surfaces. The effects of non-redox-active cations (e.g., Ca2+ and Zn2+) are to inhibit
UO2 dissolution via adsorption and/or surface precipitation processes (Santos et al.,
2006; Cerrato et al., 2012).
Because UO2 stability can only be maintained at low redox potential, the presence
and concentration of oxidants can affect the rate and extent of UO2 oxidation. Once
the supply of electron donor ceases, UO2 can be reoxidized by subsurface oxidants
that include O2 (Moon et al., 2007; Senko et al., 2007; Wu et al., 2007), nitrate, and
other oxidized nitrogen species (Finneran et al., 2002; Senko et al., 2005a). In
addition to dissolved oxidants, solids such as ferric (hydr)oxides (Sani et al., 2004;
Sani et al., 2005; Ginder-Vogel et al., 2006; Ginder-Vogel et al., 2010; Spycher et al.,
2011) and Mn oxides (Fredrickson et al., 2002a; Liu et al., 2002; Chinni et al., 2008)
can also oxidize UO2. Fe and Mn oxides can be produced by abiotic and
biologically-mediated oxidation by O2. Reoxidation of U(IV) products has even been
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implicated in field sediments where a metal-reducing microbial community and
reducing conditions were sustained (Wan et al., 2005). Recent laboratory and field
studies have reported time scales for reoxidation of U(IV) that range from 6 hours to
several weeks (Gu et al., 2005; Senko et al., 2007; Wu et al., 2007; Cerrato et al.,
2013). The size and aggregation state of UO2 particles also exert control on the rate
and extent of U(IV) oxidation by both dissolved (oxygen) and solid (ferrihydrite)
oxidants (Senko et al., 2007).

2.2 Manganese Biogeochemistry
Manganese is the 12th most abundant element in the Earth’s crust (about 0.1%)
and second only to iron as the most common transition metals. Manganese makes up
about 7 – 9000 ppm of soil with an average of 440 ppm (Emsley, 2003). Dissolved
manganese concentrations in groundwaters are typically in the range of 1–20 μM at
several uranium contaminated sites (Landa and Gray, 1995; Abdelouas et al., 2000;
Campbell et al., 2011). Upper bound of the dissolved manganese concentration is
expected for anaerobic conditions. Much higher concentrations (up to several mM)
are reported for groundwater affected by acidic plumes (Wu et al., 2006a). Mn(II) is
more soluble than Mn(IV) and Mn(III) which typically are in the forms of
manganese oxides (Figure 2.4).

2.2.1 Manganese oxides

21

Figure 2.4. pe-pH diagram for aqueous and solids of manganese species in equilibrium
with pure water. The total uranium concentration in the simulation is 10 μM. The diagram
was prepared with the Act2 program in the Geochemist’s Workbench (Bethke and Yeakel,
2010). No ionic strength correction was made in the calculation. Note that birnessite and
manganite are selected to represent Mn(IV) and Mn(III) solids, as they are the dominant
naturally occuring minerals. Pyrolusite (β-MnO2) and bixbyite (Mn2O3) are more
thermodynamically stable, but they are suppressed in the calculation.

Manganese oxide minerals are ubiquitously present in natural environments as
coatings and fine aggregates, and there are more than 30 known Mn(III), Mn(IV), or
mixed Mn(III,IV) oxide/hydroxide minerals (Post, 1999). The basic unit of most Mn
oxide minerals is the MnO6 octahedron, which is generally arranged into either layer
structures (birnessite-group minerals) or chain/tunnel structures (e.g., todorokite,
hollandite).

Layer-structured

hexagonal

phyllomanganates

(birnessite-group

minerals, MnO2-x, where x depends on the Mn(III) fraction) are the dominant Mn
oxides in natural aquatic systems (Villalobos et al., 2005b). The Mn(III) substitution
in the solids can increase the crystallinity and decrease the surface area and the
amount of vacancy sites.
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Manganese oxides can exert major geochemical influence as adsorbents and
oxidants even if they are only present as minor constituents in the subsurface (Borch
et al., 2010). Their high specific surface areas and particularly their structures with
highly reactive vacancy sites enable adsorption of divalent metals such as Cu(II)
(Sherman and Peacock, 2010), Pb(II) (Villalobos et al., 2005a; Kwon et al., 2010),
Ni(II) (Zhu et al., 2010a) and U(VI) (Han et al., 2007) by forming multidentate
inner-sphere surface complexes (Elzinga, 2011). Manganese oxides can oxidize
Cr(III) to Cr(VI) (Fendorf and Zasoski, 1992; Power et al., 2005), As(III) to As(V)
(Lafferty et al., 2010a; Lafferty et al., 2010b; Han et al., 2011), Se(IV) to Se(VI)
(Banerjee and Nesbitt, 2000), and U(IV) to U(VI) (Fredrickson et al., 2002b; Liu et
al., 2002) and thus strongly impact the speciation, mobility and toxicity of these
elements in the subsurface.
The natural occurrence of Mn oxides in sediment systems is believed to be
largely driven

by

Mn-oxidizing

microorganisms.

Phylogenetically diverse

microorganisms (bacteria and fungi) that are widespread in nature can oxidize Mn(II)
to Mn(III/IV) oxides. These microorganisms enzymatically catalyze Mn(II)
oxidation at rates that are orders of magnitude higher than by homogenous oxidation
in aqueous solution or by abiotic catalysis on mineral surfaces (Tebo et al., 2004;
Morgan, 2005). Bacterial Mn(II) oxidation occurs in many different environments,
but most importantly in oxic-anoxic transition zones where abundant Mn(II) from
reducing zones can encounter O2. Even extremely low oxygen (<1μM) concentration
can drive rapid Mn(II) oxidation (Tebo, 1991; Clement et al., 2009). Biogenic
manganese oxides are usually poorly crystalline layer-type minerals with hexagonal
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sheet symmetry, high average Mn oxidation state (from 3.7 to 4.0) and high specific
surface area. The properties and formation mechanisms of biogenic manganese
oxides were comprehensively reviewed by Tebo et al. (2004).

2.2.2 Soluble Mn(III) species
Soluble Mn(III) was recently recognized to be important in manganese aqueous
geochemistry. Traditionally, aqueous environmental chemistry of manganese only
consider two predominant forms of manganese in the environment: soluble, reduced
Mn(II) and particulate, oxidized Mn(III,IV) oxides. Soluble Mn(III) complexes
stabilized by strong ligands were reported in the laboratory many years ago, and
several early studies in the 1940s inferred the occurrence of soluble Mn(III)
complexes in soils (Dion and Mann, 1946; Heintze and Mann, 1947). However,
soluble Mn(III) complexes have been historically considered unstable under typical
environmental conditions, due to their rapid disproportionation (Klewicki and
Morgan, 1998; Morgan, 2000). Recent studies reported the existence and dominance
of Mn(III) in the soluble Mn pool in oceanic suboxic zones (Trouwborst et al., 2006;
Yakushev et al., 2007) and sediment porewaters (Madison et al., 2011),
demonstrating that Mn(III) can constitute a large fraction of the dissolved Mn pool at
oxic/anoxic interfaces in a wide range of environmental settings. Soluble Mn(III) can
be released from ligand promoted non-redox dissolution of Mn(III)-bearing minerals
(Duckworth and Sposito, 2005a; Peña et al., 2007; Wang and Stone, 2008). Recent
studies also highlighted the roles of soluble Mn(III) species as intermediates of
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microbial Mn redox cycles, which involve two sequential one-electron transfer
processes (Webb et al., 2005a; Lin et al., 2012; Butterfield et al., 2013). Because of
its instability, aqueous Mn(III) must be complexed by a high affinity chelating agent
to prevent disproportionation. In natural environments, it has been suggested that the
ligands may be pyrophosphate, cell-lysis products (i.e., porphyrins), or siderophores
(Trouwborst et al., 2006; Harrington et al., 2012a), most of which are biogenic.
Some synthetic phosphonate and carboxylate-based chelating agents can also
complex with Mn(III) and may be introduced to soil and groundwater system from
anthropogenic activities (Wang and Stone, 2008). Soluble Mn(III) is suggested to be
an important geochemical oxidant (Kostka et al., 1995; Klewicki and Morgan, 1999;
Chen et al., 2013) and competitor with Fe(III) for complexation with siderophores
(Parker et al., 2004; Duckworth et al., 2009a). Aqueous Mn(III) may play an
important and previously less appreciated role in biogeochemical cycling of other
redox active elements in the subsurface environments (Johnson, 2006).

2.3 Coupled Biogeochemistry of Uranium and
Manganese
The redox cycling of manganese may potentially mediate the stability of U(IV)
produced under reducing conditions and impact the mobility of uranium if the U(IV)
is oxidized. The introduction of Mn(II) into microoxic or oxygenated subsurface
regions may provide conditions ideal for microbial oxidation of Mn coupled to the
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abiotic oxidation of reduced subsurface elements (Wu et al., 2005; Murray and Tebo,
2007; Murray et al., 2007; He et al., 2010). A recent study indicated that active
microbial Mn(II) oxidation under low O2 conditions dramatically promoted UO2
oxidation compared with O2 alone (Chinni et al., 2008). As the reactant for MnO2
production, Mn(II) is regenerated by the UO2-MnO2 redox reaction (Figure 2.5).
Behaving catalytically, only small amounts of Mn(II) are needed to maintain the
coupled redox process as long as a supply of dissolved O2 (even low) is available
(Chinni et al., 2008). Such interactions are expected to occur at redox transition
zones, such as at the interfaces of moving or shrinking anoxic groundwater plumes
with oxic groundwater at the plume margins. Seasonal oscillation between oxidizing
and reducing condition affected by the water table was observed for the groundwater
at the uranium contaminated site at Rifle, Colorado (Zachara et al., 2013). The
drastic spatial and temporal changes of the redox conditions may create such redox
transition zones. The effectiveness of the abiotic reaction between two different solid
phases, UO2 and MnO2, was speculated to be dependent on their mobility in the
subsurface that enables their physical contact or proximity.
Potentially counteracting oxidative mobilization of uranium, manganese oxides
can adsorb metal cations due to their large surface area and predominantly negative
surface charge in aquatic environments. Therefore, while Mn oxides promote the
oxidative dissolution of UO2, they can also adsorb and retard the transport of U(VI)
products after oxidation, as long as the Mn oxides are not completely reduced.
Moreover, the active production of biogenic Mn oxides in the presence of dissolved
U(VI) can result in U sequestration in biogenic Mn oxides by structural
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incorporation (Webb et al., 2006). Structural incorporation could provide an even
stronger and more stable sequestration mechanism than adsorption.

Figure 2.5. Schematics of coupled biogeochemical processes of uranium and
manganese. Dashed lines indicate non-redox adsorption or incorporation processes.

The interaction between soluble Mn(III) and UO2 may be an important reaction
pathway in the U-Mn biogeochemical coupling. Recent studies have identified the
evidence and molecular mechanisms of the formation of Mn(III) species as a
necessary intermediates for biological manganese oxidation (Webb et al., 2005a;
Butterfield et al., 2013; Madison et al., 2013). In soil and groundwater environments,
the ligands that can stabilize Mn(III) are widespread. Soluble Mn(III) complexes are
highly mobile in sediment systems as a potential oxidant for reduced U(IV). Divalent
non-redox-active cations could inhibit UO2 dissolution under both anoxic and oxic
conditions (Cerrato et al., 2012). The role of Mn(II) on UO2 stability may be more
complicated. Another intriguing observation in a previous study is that the
production of biogenic UO2 in the presence of aqueous Mn(II) could incorporate Mn
into the structure of UO2. The Mn-incorporated biogenic UO2 showed higher
stability with respect to oxidative dissolution at above-neutral pH (Veeramani et al.,
2009).
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Chapter 3. Uraninite Oxidation and
Dissolution Induced by Manganese
Oxide: A Redox Reaction between Two
Insoluble Minerals
Results of this chapter have been published in Geochimica Cosmochimica Acta 2013,
100: 24 – 40.

Abstract
The longevity of subsurface U(IV) produced by reduction of U(VI) during in situ
bioremediation can be limited by reoxidation to more mobile U(VI) species.
Coupling of the biogeochemical cycles of U and Mn may affect the fate and
transport of uranium. Manganese oxides can act as a powerful oxidant that
accelerates the oxidative dissolution of UO2. This study investigated the physical and
chemical factors controlling the interaction between UO2 and MnO2, which are both
poorly soluble minerals. A multi-chamber reactor with a permeable membrane was
used to eliminate direct contact of the two minerals while still allowing transport of
aqueous species. The oxidation of UO2 was not significantly enhanced by MnO2 if
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the two solids were physically separated. Complete mixing of MnO2 with UO2 led to
a much greater extent and rate of U oxidation. When direct contact is not possible,
the reaction slowly progresses through release of soluble U(IV) with its adsorption
and oxidation on MnO2. Continuously-stirred tank reactors (CSTRs) were used to
quantify the steady-state rates of UO2 dissolution induced by MnO2. MnO2
dramatically promoted UO2 dissolution, but the degree of promotion leveled off once
the MnO2:UO2 ratio exceeded a critical value. Substantial amounts of U(VI) and
Mn(II) were retained on MnO2 surfaces. The total production of Mn(II) was less than
that of U(VI), indicating that the fate of Mn products and their impact on UO2-MnO2
reaction kinetics were complicated and may involve formation of Mn(III) phases. At
higher dissolved inorganic carbon concentrations, UO2 oxidation by MnO2 was faster
and less U(VI) was adsorbed to MnO2. Such an inverse relationship suggested that
U(VI) may passivate MnO2 surfaces. A conceptual model was developed to describe
the oxidation rate of UO2 by MnO2. This model is potentially applicable to a broad
range of water chemistry conditions and is relevant to other environmental redox
processes involving two poorly soluble minerals.

3.1 Introduction
Uranium contamination of soil and groundwater is a legacy of past production
and waste disposal activities associated with nuclear weapons development and is a
continuing concern associated with the mining, milling and processing of materials
for the nuclear power industry (Abdelouas et al., 1999). The chemical speciation of

29

uranium plays a critical role in its fate and transport in the subsurface. U(VI) is
generally more soluble and mobile than U(IV) species. As a promising in situ
bioremediation strategy, reduction of soluble U(VI) to insoluble U(IV) under
anaerobic conditions has been achieved using dissimilatory metal-reducing bacteria
(DMRB) and organic electron donors both in the laboratory and the field (Lovley et
al., 1991; Lovley and Phillips, 1992; Fredrickson et al., 2000; Wu et al., 2006b;
Marsili et al., 2007; Boonchayaanant et al., 2009; Peacock et al., 2011). Biogenic
UO2 and other low solubility U(IV) species are the products of bioreduction (Bargar
et al., 2008; Bernier-Latmani et al., 2010; Fletcher et al., 2010).
The stability of the biologically reduced U(IV) products can determine the
success of remediation strategies. Factors affecting the dissolution rates of UO2
include pH, dissolved inorganic carbon, UO2 structure, cation composition of the
water, the identity and concentration of oxidants, and transport limitations (Casas et
al., 1998; Pierce et al., 2005; Ulrich et al., 2008; Campbell et al., 2011; Luo and Gu,
2011; Cerrato et al., 2012; Giammar et al., 2012). Because UO2 stability can only be
maintained at low redox potential, the presence and concentration of oxidants can
crucially affect the rate and extent of UO2 oxidation (Bernier-Latmani and Tebo,
2011). Once the supply of electron donor ceases, UO2 can be reoxidized by
subsurface oxidants that include O2 (Moon et al., 2007; Senko et al., 2007; Wu et al.,
2007), nitrate, and other oxidized nitrogen species (Finneran et al., 2002; Senko et al.,
2005a). In addition to dissolved oxidants, solids such as ferric (hydr)oxides (Sani et
al., 2004; Sani et al., 2005; Ginder-Vogel et al., 2006; Ginder-Vogel et al., 2010;
Spycher et al., 2011) and Mn oxides (Fredrickson et al., 2002a; Liu et al., 2002;
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Chinni et al., 2008), can also oxidize UO2. Fe and Mn oxides can be produced by
abiotic and biologically-mediated oxidation by O2. Reoxidation of U(IV) products
has even been implicated in field sediments where a metal-reducing microbial
community and reducing conditions were sustained (Wan et al., 2005). Recent
laboratory and field studies have reported time scales for reoxidation of U(IV) that
range from 6 hours to several weeks (Gu et al., 2005; Senko et al., 2007; Wu et al.,
2007). The size and aggregation state of UO2 particles also exert control on the rate
and extent of U(IV) oxidation by both dissolved (oxygen) and solid (ferrihydrite)
oxidants (Senko et al., 2007).
Although U and Mn may co-occur in the subsurface, the potential dynamics
involving the stability of U(IV) in the presence of Mn redox cycling have been
poorly characterized. Dissolved Mn(II) is present at appreciable concentration at
several uranium-contaminated sites (e.g., 1-20 μM at a site in Rifle, Colorado, USA
(Campbell et al., 2011)). Manganese oxide minerals are present in many natural
environments as coatings and fine aggregates (Post, 1999). With large specific
surface areas and powerful oxidizing activity, they can exert major geochemical
influence even if they are only present as minor constituents in the subsurface (Borch
et al., 2010). MnO2 strongly impacts the speciation, mobility and toxicity of a
number of trace elements (Fendorf and Zasoski, 1992; Murray and Tebo, 2007; Oze
et al., 2007; Fandeur et al., 2009; Pena et al., 2010; Han et al., 2011; Lee and Lee,
2011). The natural occurrence of Mn oxides is believed to be largely driven by Mnoxidizing microorganisms (Tebo et al., 2004; Tebo et al., 2007). Rapid Mn biooxidation can occur even at extremely low dissolved oxygen concentration (<1 μM),
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Figure 3.1. Schematic representation of the coupled biogeochemical cycles of uranium
and manganese.

with rates that are orders of magnitude higher than by abiotic processes (Tebo et al.,
2004; Morgan, 2005; Clement et al., 2009). The introduction of Mn(II) into
microoxic or oxygenated subsurface regions may provide conditions ideal for
microbial oxidation of Mn coupled to the abiotic oxidation of other reduced
subsurface elements (Wu et al., 2005; Murray and Tebo, 2007; Murray et al., 2007;
He et al., 2010). A recent study indicated that active microbial Mn(II) oxidation
under low O2 conditions dramatically promoted UO2 oxidation compared with O2
alone (Chinni et al., 2008). As the reactant for MnO2 production, Mn(II) is
regenerated by the UO2-MnO2 redox reaction (Figure 3.1). Behaving catalytically,
only small amounts of Mn(II) are needed to sustain the coupled redox process
(Murray and Tebo, 2007) as long as a supply of dissolved O2 (even low) is
maintained.
Potentially counteracting oxidative mobilization of U, the biologically produced
MnO2, which is a layer-stacked phyllomanganate (Tebo et al., 2004), can adsorb
metal cations due to its large surface area and predominantly negative surface charge
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in aquatic environments; the pHpzc is 1.5~2.8 (Zhu et al., 2009). Moreover, the active
production of biogenic MnO2 can structurally incorporate heavy metals (Webb et al.,
2006; Pena et al., 2010; Zhu et al., 2010b). Structural incorporation could provide an
even stronger and more stable sequestration mechanism than adsorption.
Knowledge of the abiotic interaction between UO2 and MnO2 is a critical step to
understanding the overall coupling of the biogeochemical cycles of U and Mn.
Unlike O2 and nitrate, MnO2 is an insoluble, solid-phase oxidant that is expected to
behave analogously to ferric (hydr)oxides in oxidizing UO2. The thermodynamic
viability of UO2 oxidation by Fe(III) (hydr)oxides was evaluated previously (GinderVogel et al., 2006) in a study that showed strong dependence of the energetic
favorability of the reaction on the solution chemistry (pH, bicarbonate and Fe(II)
concentrations) and the crystalline phases of iron oxides. Small changes in aqueous
chemistry can lead to UO2 oxidation by Fe(III) (hydr)oxides going from
thermodynamically favorable to unfavorable (Ginder-Vogel et al., 2010). Incomplete
oxidation of UO2 by Fe(III) (hydr)oxides has been observed (Senko et al., 2007) and
may be attributed to a diminishing thermodynamic driving force as Fe(II) and U(VI)
products accumulate (Senko et al., 2005a; Wan et al., 2005; Ginder-Vogel et al.,
2006). In contrast, the oxidation of UO2 by manganese oxides (including a set of
Mn(III, IV) oxides) is thermodynamically favorable over a much wider range of
environmental conditions (Figure S3.1 of the Supporting Information). Nevertheless,
the reaction kinetics and mechanism of UO2-MnO2 interactions and their impact on
uranium mobilization remain poorly understood. Because both Mn and U oxides are
sparingly soluble at subsurface-relevant conditions, the degree to which physical
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contact is necessary for UO2 oxidation is unknown. The chemical factors and
underlying mechanisms governing the overall reaction rate between two insoluble
minerals are unresolved.
Analogous to what was proposed for UO2-Fe(III) (hydr)oxide interactions
(Ginder-Vogel et al., 2010), the oxidation of UO2 by Mn oxides could occur through
three potential pathways. In the first, U(IV) from UO2 dissolution travels to MnO2
where it is adsorbed and then oxidized to U(VI) on the MnO2 surface. The second
pathway involves dissolution of MnO2 releasing reactive Mn species (Mn(III, IV)),
which are then reduced on UO2 surfaces coupled to the production of U(VI). The
third pathway relies on the direct contact of two dissimilar solid surfaces
accompanied by electron transfer occurring at the solid-solid interface. Nonoxidative dissolution of UO2 can be quite slow (Ulrich et al., 2008) unless U(IV)
binding ligands are present (Frazier et al., 2005; Luo and Gu, 2011). Non-reductive
dissolution of Mn(IV) oxides is also very slow. Although dissolved Mn(III) is a
likely reaction product or intermediate during dissolution and redox transformations
of Mn oxides (Klewicki and Morgan, 1999; Webb et al., 2005a), its rapid
disproportionation does not allow it to persist in the aqueous phase in the absence of
Mn(III)-binding complexants (Trouwborst et al., 2006). The interfaces of the two
dissimilar minerals could provide spaces ideal for electron transfers between shortlived reactive intermediates and surface groups with minimal barriers to transport.
Passivation of the MnO2 surface during oxidation of various species (e.g., Cr and
As) by MnO2 is commonly observed with initially rapid oxidation being followed by
decreasing oxidation rates. The passivation could be attributed to the adsorptive
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retention of the oxidized reaction products and reduced Mn(II) (Eary and Rai, 1987;
Manning et al., 2002; Zhu et al., 2009; Lafferty et al., 2010b). Experimental
quantification of the rate of UO2 oxidative dissolution over longer time scales with
potential MnO2 passivation is needed for predicting the fate of U in the presence of
Mn redox cycling.
The objectives of the present study were to determine the physical and chemical
factors governing the kinetics of UO2-MnO2 interactions and the rates of uranium
mobilization. The role of physical contact in UO2-MnO2 interactions was identified
using batch experiments conducted in a well-mixed multichamber reactor. To
examine chemical factors, UO2 dissolution rates in the presence of MnO2 were
quantified at different UO2:MnO2 ratios and dissolved inorganic carbon (DIC)
concentrations using continuously stirred tank reactors (CSTR). The ultimate goal
was to develop a conceptual model for UO2 oxidative dissolution by MnO2 that is
applicable to a wide range of water compositions.

3.2 Materials and Methods
3.2.1 Materials
Synthetic

uraninite

(Syn-UO2)

was

prepared

by

heating

studtite

(UO2O2(H2O)2·2H2O) in a continuous flow of pure hydrogen at 400 °C as described
by Ulrich et al. (2009). The raw UO2 particles were washed with 0.5 M NaHCO3 and
then rinsed with anoxic ultrapure water. Synthetic δ-MnO2 (Syn-MnO2) was
prepared by reacting KMnO4 with MnCl2 at basic pH following the method
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described in Villalobos et al. (2003). The δ-MnO2 prepared in this method was
characterized to be the closest synthetic analog to naturally-occurring biogenic
manganese oxide with respect to local molecular structure (Villalobos et al., 2003).
The prepared MnO2 was washed with 0.01 M NaCl five times and dialyzed against
ultrapure water to remove residual Mn(II). Based on transmission electron
microscopy (TEM) and N2-BET characterization, the UO2 has a much larger primary
particle size (800 nm vs 40 nm) and a smaller specific surface area (5.9 m 2/g vs 188
m2/g) than the MnO2. Various stock solutions were prepared using H2-sparged
anoxic ultrapure water (resistivity >18.2 MΩ·cm). HNO3 and NaOH were used for
pH adjustment.

3.2.2 Multichamber reactor and mixed batch experiments
Experiments were performed under an anoxic atmosphere (i.e., glovebox) (Coy
Laboratory Products Inc., MI) with a composition of O2 controlled below 1 ppm and
the H2 concentration between 2 to 5%. Ultrapure water used in experiments was
boiled for 30 min, sparged with pure hydrogen in the presence of a Pd catalyst, and
then stored in the glovebox. The reactors and containers were equilibrated with the
anoxic atmosphere in the glovebox overnight or longer. A multichamber reactor was
used to assess the role of solid-solid contact in UO2-MnO2 interactions (Figure S3.2
of the Supporting Information). A dialysis membrane (Spectra/Por® 7) divided the
reactor into two 110-mL chambers. The small molecular weight cut off (MWCO =
3500) of the dialysis membrane eliminated the possibility of direct contact of the
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solids in each chamber but allowed dissolved species to diffuse across the membrane.
NaNO3 (50 mM) was added as the background electrolyte in all the multichamber
reactor experiments. The pH was buffered at 7.6 ± 0.05 by 20 mM 3-(Nmorpholino)propanesulfonic acid (MOPS, pKa = 7.2). MOPS was selected for its
good stability against oxidation by MnO2, and previous studies found that MOPS and
similar sulfonic acid pH buffers did not affect interactions of U at mineral surfaces
(Renshaw et al., 2005; Ulrich et al., 2009). UO2 (300 μM) and MnO2 (500 μM) were
loaded into separate chambers (denoted by UO2||MnO2) and each chamber was
completely mixed by a magnetic stir bar. UO2||water and MnO2||water control
experiments were conducted with the same multichamber reactor to account for the
individual dissolution of UO2 and MnO2. A completely mixed batch experiment
(denoted by UO2+MnO2) in a 220-mL volume was conducted to quantify UO2-MnO2
reaction rates in the absence of a barrier to direct UO2-MnO2 contact. The reactors
were shielded with aluminum foil to avoid potential photochemical redox reactions
of Mn that could generate reactive oxygen species. Samples were periodically
collected and filtered with 0.02 μm polyethersulfone (PES) syringe filters (Tisch
Environmental, OH) for dissolved U and Mn analysis. For suspension samples
containing MnO2, the adsorbed U(VI) was measured using a bicarbonate extraction
method (Section 2.5.).

3.2.3 Flow-through experiments
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Continuously-stirred tank reactors (CSTRs) were used to investigate the rates of
UO2-MnO2 interactions and U mobilization. A unique advantage of CSTR over
batch techniques is that dissolved reaction products are continuously flushed out of
the reactors. The derived dissolution rates at steady states are more representative of
the long-term stability of UO2 in environments with groundwater flow.
The flow-through experiments were conducted outside of the glovebox and the
reactors were shielded with aluminum foil. The dissolved oxygen in the influent
solutions was removed by sparging with N2. Tedlar® bags, which have desirable
inertness and impermeability, were used as the influent reservoirs. The influent
solutions, with pre-adjusted pH buffered by 1 mM MOPS, were pumped into Tedlar
bags while being vigorously purged by pure N2. Dissolved O2 (DO) concentrations
of the solution in the Tedlar bags were below 0.1% of saturation as measured by a
DO probe (ProODOTM, YSI Inc.). Aliquots of anoxic concentrated NaHCO3 were
injected into the bags to provide desired concentrations of dissolved inorganic carbon
and shifted the final pH slightly upward to 7.6 ± 0.05. The NaHCO3, MOPS, and
acids and bases used for pH adjustment were the only sources of ions to the solution,
so the solutions had relatively low ionic strengths of approximately 1 mM in the
absence of DIC up to approximately 6 mM at the highest DIC concentration studied.
Solid particles were retained in the reactor (40 mL) by a 100 nm polycarbonate filter
(IsoporeTM, Millipore). The experiments started immediately with freshly prepared
influent solutions. A peristaltic pump provided an influent flow rate of 1.3 mL/min,
yielding a 30-min hydraulic residence time (τ). The reactors were completely mixed
using magnetic stirring, and the effluent U concentrations were verified to be
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Table 3.1. Summary of flow-through experiments in this study
ExpIDa pHb

DIC
(mM)

UO2
(mM)

Control Experiments
1A
7.6
1
1
1B
7.6
1
1
2A
7.6
1
0
2B
7.6
1
0
Variation of MnO2 concentrations
3A
7.6
1
1
3B
7.6
1
1
4A
7.6
1
1
4B
7.6
1
1
5A
7.6
1
1
5B
7.6
1
1
6A
7.6
1
1
6B
7.6
1
1
6Ce
7.6
1
1
6De
7.6
1
1
7A
7.6
1
1
7B
7.6
1
1
Variation of UO2 concentrations
8A
7.6
1
0.5
8B
7.6
1
0.5
9A
7.6
1
2.3
9B
7.6
1
2.3
Variation of DIC concentrations
10A
7.6
0
1
10B
7.6
0
1
11A
7.6
5
1
11B
7.6
5
1

MnO2
(mM)

[U]ss c
(μM)

[Mn]ss c
(μM)

UO2 dissolution
rate (Rm)
(nmol g-1s-1)

U oxidation
rate (Ro)
(nmol L-1s-1)

0
0
1
1

0.26
0.27
NA
NA

N.A.
N.A.
0.01d
0.003d

0.55
0.56
NA
NA

0.15
0.15
NA
NA

1
1
2.5
2.5
5
5
7.5
7.5
7.5
7.5
10
10

0.66
0.59
1.51
1.22
1.40
1.36
1.47
1.49
1.51
1.83
1.22
1.27

0.14
0.12
0.16
0.14
0.14
0.08
0.15
0.12
0.16
0.13
0.14
0.10

1.39
1.25
3.34
2.65
3.05
2.98
3.23
3.27
3.34
4.08
2.66
2.76

0.37
0.33
0.84
0.68
0.78
0.76
0.82
0.83
0.84
1.02
0.68
0.70

1.25

0.49

0.11

2.04

0.27

1.25
10
10

0.48
3.55
3.42

0.12
0.24
0.32

2.01
3.39
3.27

0.27
1.97
1.90

7.5
7.5
7.5
7.5

0.07
0.11
3.89
3.21

0.01
0.01
0.29
0.26

0.14
0.23
9.62
7.67

0.04
0.06
2.16
1.78

a

The letters indicate replicate experiments.
The reported pH is the average effluent pH for the steady-state period. The pH was
well buffered and varied by less than 0.1 pH across all experiments.
c
The reported effluent U and Mn steady state concentrations are the average values for
the samples collected from 38 to 48 residence times. The relative standard deviation of
U concentration during each period is less than 5%.
d
Effluent Mn concentrations were as low as close to the detection limit.
e
The experiments were continued until 80 residence times. The reported steady state
concentrations were still based on the data collected around 48 residence times.
NA: Not applicable
b

unvaried when the stirring rate was doubled. The effluent pH and flow rates were
monitored and effluent samples were periodically collected over 24 hours and
preserved in 2% HNO3 for dissolved U and Mn analysis. At the conclusions of
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selected experiments, extraction treatments were applied to the solids remaining in
the reactors to determine the amounts of adsorbed U and Mn species (Section 2.5.).

3.2.4 Dissolution and oxidation rate calculations
The dissolution rates of UO2 were derived from a mass balance approach applied
to the CSTR experiments (Ulrich et al., 2008; Ulrich et al., 2009). After varying
early dynamics of effluent concentrations, steady-state was reached by 40 residence
times and was maintained until the end of the experiment. The steady state effluent U
concentrations ([U]ss, mol L-1) were the averages of the values from periods of 10 or
more residence times over which the effluent U concentration varied by less than 5%.
The dissolution rate of UO2 can be calculated:
Rm 

Q  [ U]ss
V  [ UO2 ]

(1)

where Rm (mol s-1 g-1) is the dissolution rate normalized to the mass of UO2, Q is
the volumetric flow rate (L s-1), V is the volume of the reactor (L), and [UO2] is the
mass concentration of UO2 in the reactor (g L-1). Based on the experimental results,
during a 24-hour flow-through experiment at most 10% - 20% of the total UO2 was
oxidized by MnO2, which would result in a decreased mass of UO2 compared with
the initial loading. Although it would not lead to any significant change of the results,
the loss of UO2 was accounted for in dissolution rate calculations in Eq. 1 and was
estimated from the effluent uranium concentration during the experiments. A UO2
oxidation rate (Ro) that did not normalize to the mass of UO2 was also calculated. Ro
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(mol s-1 L-1) is a measurement of the rate of U(VI) production in a unit volume of the
flow-through reactor at steady state.

3.2.5 Extraction methods
In the presence of MnO2, reaction products could be adsorbed to MnO2 surfaces.
Selected suspension samples were processed by methods to extract the surfaceassociated species into solution. Adsorbed U(VI) was extracted using anoxic 0.1 M
NaHCO3. The efficiency of this extraction procedure was 80% to 95% based on
previous applications (Liger et al., 1999; Zeng and Giammar, 2011) and typically
above 90% for extracting sorbed U(VI) from MnO2 (Wang et al., 2011a). This
extraction method was applied to the MnO2-containing samples in the multichamber
experiments and to selected final suspension samples from the flow-through
experiments. Selected suspension samples from the flow-through experiments were
also treated with 10 mM anoxic CuSO4 to extract adsorbed Mn(II). In this method
Cu(II) is preferentially adsorbed to MnO2 and Mn(II) is consequently desorbed
(Fredrickson et al., 2002a; Liu et al., 2002; Tebo et al., 2007). This method was
shown to remove >90% of the adsorbed Mn(II) from a biologically reduced δ-MnO2
(Burdige and Nealson, 1985). The method only extracts adsorbed Mn(II) and would
not mobilize any structurally incorporated Mn(II) or Mn(III). Mn(II) and U(VI)
extraction were conducted separately for each sample to avoid precipitation of
CuCO3. The extraction steps were performed for one hour in an anaerobic chamber
on an end-over-end rotator in containers wrapped with aluminum foil. The samples
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after extractions were collected and filtered by 0.02 μm polyethersulfone (PES)
syringe filters (Tisch Environmental, OH).

3.2.6 Analysis methods
The pH of solutions and suspensions was measured with a glass pH electrode
(Accumet). Dissolved U and Mn concentrations were measured by inductively
couple plasma mass spectrometry (ICP-MS) (Agilent 7500ce). The detection limits
for U and Mn were 0.01 and 0.1 μg/L, respectively. The morphologies and sizes of
the mixed UO2 and MnO2 solids were examined using transmission electron
microscopy (TEM) (JEM-2100F, JEOL).
X-ray absorption spectroscopy (XAS), including X-ray absorption near edge
structure (XANES) and extended X-ray absorption fine structure (EXAFS), was used
to analyze the oxidation state and molecular-scale environment of U and Mn in
selected samples. Suspension samples were centrifuged and the solids were loaded in
an anoxic glovebox into Al sample holders that were sealed with Kapton tape. A
Lexan cover was used on each side of the sample holder between the sample and the
Kapton tape. The Lexan covers would prevent any possible Mn reduction by the glue
of the Kapton tape (Webb et al., 2005b). Samples were stored as wet pastes in dark
and anoxic environments until analysis. U LIII-edge and Mn K-edge fluorescence
data were collected at Stanford Synchrotron Radiation Laboratory (SSRL) Beamline
11-2 and 4-1, respectively, using a Si(220) double crystal monochromator and
measured with Ge multi-element detectors. Samples were analyzed in a liquid N2
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cryostat (77K). The monochromator was calibrated using the K-edge of Y at 17038.4
eV for U LIII-edge XAS and the pre-edge peak of KMnO4 at 6543.34 eV for Mn Kedge XAS. Linear combination fitting (LCF) was performed on normalized U LIIIedge XANES spectra to determine the proportions of U(VI) and U(IV) in the
samples. For LCF uranyl acetate and synthetic uraninite were used as end members
for U(VI) and U(IV), respectively. The XAS data were processed using Athena
software (Ravel and Newville, 2005).

3.3 Results
3.3.1 Physical factors: Multichamber and mixed batch
experiments
3.3.1.1 Multichamber and mixed batch experiments
The rate and extent of U oxidation in the completely mixed batch experiment
(UO2+MnO2) were much larger than those in the multichamber reactor (UO2||MnO2)
and UO2-only control (UO2||water) experiments (Figure 3.2). The difference suggests
the importance of solid-solid contact on UO2-MnO2 interactions. The dissolved Mn
concentrations in the MnO2||water control experiment (data not shown) were
extremely low (< 0.01 µmol L-1) and close to the ICP-MS detection limit. The Mn
concentrations confirmed that the δ-MnO2 was essentially insoluble and indicated
that a pathway for UO2 oxidation that involved soluble Mn was not active. Whether
two oxides were physically separated (UO2||MnO2) or mixed (UO2+MnO2),
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Figure 3.2. UO2-MnO2 reaction in (a) completely mixed batch reactor, (b) UO2||MnO2
multichamber reactor and (c) UO2||water multichamber control system. Extractable U
represents the amount of U adsorbed on MnO2. Experimental results and model
simulation are shown in symbols and lines, respectively.

dissolved U concentrations were always low due to the strong adsorption of U to
MnO2. It is likely that the majority of the oxidized U(VI) was associated with the
MnO2 surface via adsorption and was extractable by bicarbonate.
The rate and extent of UO2 oxidation were drastically smaller in the UO2||MnO2
experiment than in the UO2+MnO2 experiment. For the UO2||MnO2 system (Figure
3.2b), the continuing increase in U(VI) adsorbed to MnO2 with time indicated that
the UO2 in the adjacent chamber was still being solubilized after 400 hours, but the
total production of U(VI) (0.11 μmol) was still only about 2% of that in the
completely mixed batch. The dissolved Mn concentration at the conclusion of the
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experiments was also more than one order of magnitude higher in the UO2+MnO2
experiment than in the UO2||MnO2 experiment, which was consistent with a larger
extent of the redox reaction between UO2 and MnO2. In the UO2+MnO2 experiment
(Figure 3.2a), the oxidation of UO2 occurred much faster in the first 24 hours than in
the later stage of the experiment, suggesting that the unreacted fresh Mn oxide
surfaces was more reactive than aged MnO2.

Figure 3.3. Total amounts of solubilized U released from UO2 in UO2||MnO2 (closed
symbols ■) and UO2||water (open symbols □) experiments. Model simulations are shown
in solid and dash lines, respectively. Total solubilized U is the amount of U released from
UO2. Total solubilized U = dissolved U in UO2 chamber + dissolved U in the other
chamber + extractable U in MnO2 chamber (if applicable).

The multichamber UO2||MnO2 and UO2||water control experiments were
compared in order to test whether MnO2 can accelerate dissolution of UO2 if they are
physically separated. In the UO2||water experiment, dissolved U was released over
time and appeared to reach equilibrium, and its diffusion across the membrane
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resulted in identical dissolved U concentrations in both chambers (Figure 3.2c). The
total U solubilized from UO2 (dissolved U + U sorbed to MnO2) in the UO2||MnO2
system (0.038 μmol) and the UO2||water system (0.024 μmol) were similar for the
first 140 hours. In the later stages of the experiments the total solubilized U in the
UO2||MnO2 experiment kept increasing linearly rather than leveling off as it did in
the UO2||water system (Figure 3.3).

3.3.1.2 U(VI) fate on MnO2
U LIII-edge X-ray absorption spectroscopy (XAS) was used to probe the fate of U
on MnO2. The oxidation state of uranium is indicated by the energy position of the
edge of XANES spectra. The XANES spectra of the sample collected from the
MnO2 chamber in the UO2||MnO2 experiment (sample a), the sample of aqueous
U(IV) reacted with MnO2 (sample b) and the sample of U(VI) reacted with MnO2
(sample c) were all very similar to that of uranyl acetate (Figure 3.4). Linear
combination fitting of the three XANES spectra indicated that uranium in these
samples was exclusively in the +VI oxidation state. The EXAFS spectra and their
Fourier transforms provide additional evidence that uranium is in the +VI oxidation
state for all of these samples. While all of the EXAFS spectra are consistent with
U(VI), the minor variations for the samples may be expected given the different pH
values of their preparation. The spectra are consistent with inner-sphere adsorption
of U(VI) to the MnO2 surface, and there is no evidence for U(VI) precipitates. Such
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precipitates would not have been expected given that the solutions were all
undersaturated with respect to any U(VI)-containing solids.

Figure 3.4. (From left to right) U LIII-edge XANES, EXAFS and their Fourier transforms
of (a) the final solids in the MnO2 chamber in the UO2||MnO2 experiment, (b) aqueous
U(IV) reacted with MnO2 and (c) aqueous U(VI) reacted with MnO2. Sample (a) was the
solid in the MnO2 chamber in the UO2||MnO2 experiment after 400 hours of reaction.
Sample (b) (MnO2 + U(IV)) was prepared by reacting 0.1 g/L syn-MnO2 with 2 µM
aqueous U(IV) at pH 4. The aqueous U(IV) was prepared by dissolving synthetic UO 2 in
concentrated HCl. Sample (c) (MnO2+U(VI)) was prepared from an adsorption batch
experiment at pH 9 with 0.1 g/L syn-MnO2 and 50 µM U(VI) at an ionic strength of 0.01
M provided by NaNO3. For samples (b) and (c), all U was adsorbed to MnO2 when the
solids were collected after 2 days.

3.3.2 Chemical factors: Flow-through experiments
3.3.2.1 Flow-through experiments
The results of flow-through experiments with varied MnO2 and UO2 loadings and
dissolved inorganic carbon concentrations are summarized in Table 3.1. Control
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experiments quantified the individual dissolution rates of UO2 and MnO2 (Figure
3.5). The dissolution rate of UO2 in the absence of MnO2 was 5.45×10-10 mol s-1 g-1,
which was higher than the previously reported rates under highly anoxic conditions
(PO2 < 10-6 bar) using continuous pure H2-sparging with a Pd catalyst (Ulrich et al.,
2009). The higher rate in the present work is probably due to incomplete removal of
O2 by N2-sparging of the influent solutions; however, the O2 control methods still
constrained the background dissolution rate well below that for experiments with
MnO2. The dissolution of MnO2 in the absence of UO2 was extremely slow.

Figure 3.5. Control experiments of individual dissolution of (a) UO2 and (b) MnO2 in
continuously stirred tank reactors (CSTRs). UO2 and MnO2 concentrations were both 1
mM. The experiments were conducted at pH 7.6 and 1 mM DIC with a hydraulic
residence time (τ) of 30 min. Effluent concentration data are shown for duplicate
experiments (A and B). Experiment IDs are included in the legends for reference to Table
3.1.

The presence of MnO2 dramatically increased UO2 oxidation and dissolution
rates (Table 3.1). For example, when 7.5 mM MnO2 was mixed with 1 mM UO2, the
steady-state effluent U concentration was six times higher than in the MnO2-free
control experiment (Figure 3.6). Steady-state effluent U concentrations were
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maintained even up to 80 residence times (Figure 3.6(b)), confirming that the
reported UO2 dissolution rates were representative of longer-term behaviors of UO2
dissolution induced by MnO2 and not of transient phenomena during the initial stage
of the reaction. The mixed batch and multichamber experiments (Section 3.1.)
indicated that not all U(VI) was released into the aqueous phase, so it was anticipated
that the actual extents of UO2 oxidation by MnO2 in the flow-through reactors were
larger than would be estimated from the amounts of effluent U.

Figure 3.6. Effluent U (closed symbols) and Mn concentrations (open symbols) from
the quadruplicated CSTR experiments (6A-6D) with 1 mM UO2 and 7.5 mM of MnO2
at pH 7.6 and 1 mM DIC. The hydraulic residence time (τ) was 30 min. The total
experimental durations for 6AB and 6CD were 24 and 40 hours (48 and 80 residence
times), respectively. At the conclusions of the four experiments, the solids were
collected for extraction of adsorbed U(VI) and Mn(II). Effluent concentration data are
shown for all replicates. Experiment IDs are included in the legends for references to
Table 3.1.

As for the behavior of Mn, effluent concentrations were higher in the UO2-MnO2
experiments than in the MnO2-only control experiments. However, the Mn
concentrations were consistently lower than the U concentrations by about one order
of magnitude. The anticipated overall stoichiometry of the reaction was
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UO2 + MnO2 + 4H+ = UO22+ + Mn2+ + 2H2O

(2)

so a 1:1 ratio of U(VI) and Mn(II) production would be expected. The significant
deviation of the effluent concentrations from anticipated stoichiometry suggests that
the Mn products were retained in the solids. Strong retention of reduced Mn(II) on
MnO2 after redox reactions has been reported in a number of studies (Oscarson et al.,
1983; Liu et al., 2002), which might be particularly significant for the high-surfacearea and most reactive birnessite (δ-MnO2) minerals (Lafferty et al., 2010a; Lafferty
et al., 2011). Therefore, quantification of the solid-associated species (oxidized U
and reduced Mn products) was necessary to better understand the fates of U and Mn
during UO2-MnO2 interactions.

Figure 3.7. The amounts of adsorbed (extractable) and the cumulative amounts of
dissolved (effluent) U(VI) and Mn(II) at different numbers of residence times in a CSTR
experiment. The data (■ and ■) are from the CSTR experiments with 1 mM UO2 and 7.5
mM of MnO2 at pH 7.6 and 1 mM DIC (■: Exp. 6A and 6B at t/τ = 48 (24 hours); ■:
Exp. 6C and 6D at t/τ = 80 (40 hours)). The data of control experiments (□) are from
Exp. 1 and 2 at t/τ = 48 (24 hours). The error bars indicate the standard deviations of
duplicate experiments.
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3.3.2.2 Sorbed speciation analysis
Bicarbonate (HCO3−) and copper sulfate (CuSO4) were employed to extract
adsorbed U(VI) and Mn(II) from the solids at the conclusions of flow-through
experiments (Figure 3.7). In the UO2-only control experiments, very little adsorbed
U was detected, and it is apparent that most of the oxidized U had been released from
the reactor in the effluent. As expected, the MnO2 that had not encountered any
reductant had essentially no Mn(II) on its surface after a 24-hour experiment.

Figure 3.8. The amounts of total produced U(VI) and Mn(II) from the UO2-MnO2
reaction at 24 hours (t/τ = 48) and 40 hours (t/τ = 80) of a CSTR experiment (Exp. 6, 1
mM UO2 and 7.5 mM of MnO2 at pH 7.6 and 1 mM DIC). The total amounts produced
were calculated as the sum of the extractable and cumulative effluent U(VI) and Mn(II)
from Figure 3.7, with the subtraction of background amounts from the control
experiments. The error bars are the calculated standard deviations from the results in
Figure 3.7.

The extraction analysis for UO2-MnO2 reactions was performed for the flowthrough experiments with 1 mM UO2 and 7.5 mM MnO2. Quadruplicate reactors
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were employed for these experiments (6A-6D in Table 3.1). Four reactors were
initiated together and two of them (6A and 6B) were sacrificed for extractions after
48 residence times (24 h). The other two reactors (6C and 6D) were not stopped for
extractions until 80 residence times (40 h).

Figure 3.9. UO2 oxidation rates (nmol L-1s-1) in the presence of different MnO2
concentrations at pH 7.6, 1 mM DIC. The initial loading of UO2 was 1 mM. The oxidation
rates are based on the steady state effluent concentration of U in the CSTR experiments.
The line is the model simulation. The error bars indicate the standard deviations of
duplicate experiments.

The UO2-MnO2 reaction generated substantial amounts of adsorbed U(VI) and
Mn(II) (Figure 3.7). At 24 hours, only half of the total oxidized U had been released
into the effluent, and the other half was retained on the MnO2 surface. The amount of
adsorbed U(VI) remained unchanged from 24 h to 40 h, while dissolved U was still
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released with the effluent. The lack of further accumulation of U(VI) in the sorbed
phase from 24 to 40 hours indicated that over this period the effluent U was
equivalent to the net dissolution of UO2. Therefore, the derived dissolution and
oxidation rates were representative of the kinetics of the UO2-MnO2 reaction at
steady state.
A substantial amount of adsorbed Mn(II) could be extracted, suggesting that
Mn(II) was a major product of MnO2 reduction. However, in comparison to the total
U(VI) produced during the first 24 hours, the Mn(II) was still about 25% less than
the 1:1 stoichiometry (Figure 3.8). From 24 to 40 hours the oxidation of UO2 kept
occurring at the established steady state, and surface-adsorbed Mn(II) was essentially
constant and did not continue to accumulate while the effluent Mn remained low.
Compiling the total production of U(VI) and Mn(II) based on the data in Figure 3.7,
the results (Figure 3.8) indicated that the stoichiometric ratio of U(VI) and Mn(II)
deviated even further away from 1:1 as the reaction proceeded.

Figure 3.10. Transmission electron microscopy (TEM) images of (a) pristine MnO2 and
(b) the mixture of UO2 and MnO2 collected from a CSTR experiment with 1 mM UO2 and
7.5 mM MnO2 at pH 7.6 and 1 mM DIC (Exp. 6). Panel (c) is an enlargement of the
highlighted area in Panel (b).
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3.3.2.3 Effect of MnO2 concentration
In the flow-through experiments, MnO2 promoted UO2 oxidation, however the
degree of promotion leveled off when the MnO2/UO2 molar ratio was above 2.5
(Figure 3.9). The multichamber experiments indicated that the redox reactions
primarily occur upon direct particle-particle contacts. Therefore, in the mixed system
with high concentrations of MnO2, the availability of the UO2 surface to be
approached by MnO2 may become the limiting factor for the overall reaction. This
hypothesis was supported by transmission electron micrographs (TEM) (Figure 3.10)
that provided a view of the association of the two dissimilar minerals. A large UO2
particle was surrounded by a multitude of much smaller MnO2 particles. At a given
time, only a small fraction of the total MnO2 would be in contact with UO2.

3.3.2.4 Effect of dissolved inorganic carbon
The effect of dissolved inorganic carbon (DIC) on the rate of UO2 dissolution
during the UO2-MnO2 interactions was investigated in flow-through experiments
combined with extraction-based adsorbed speciation analysis (Figure 3.11). With
increasing DIC, net release of U from UO2 increased and the amount of adsorbed
U(VI) decreased. The inverse relationship between the amounts of MnO2-sorbed U
and UO2 dissolution rates suggests that the adsorption of U(VI) to MnO2 may
passivate the MnO2 surface. The trend of adsorbed U(VI) affected by DIC

54

concentration (Figure 3.11) and the lack of accumulation of adsorbed U(VI) after
steady state was reached (Figure 3.7) both suggest that the surface partitioning of
U(VI) is controlled by equilibrium adsorption to MnO2.

Figure 3.11. UO2 (1 mM) oxidative dissolution rates in the presence of 7.5 mM MnO2 at
different DIC concentrations (♦, left axis) and the corresponding amounts of adsorbed U
in the solids collected at their specific steady state conditions (▲, right axis). The results
are from the CSTR experiments at pH 7.6. The error bars indicate the standard deviations
of duplicate experiments.

3.4 Discussion
3.4.1 The role of physical contact in UO2-MnO2 interactions
3.4.1.1 Without physical contact
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When direct physical contact is not possible and binding ligands for soluble
Mn(III,IV) are absent, UO2-MnO2 interactions progress through a pathway mediated
by soluble U. Adsorption of U to MnO2 maintains a driving force for UO2
dissolution by keeping dissolved U concentrations low. The very similar XAS
spectra of the three samples shown in Figure 3.4 indicated that the U associated with
MnO2 in the UO2||MnO2 system was all U(VI) and that it had a coordination
environment similar or identical to U(VI) adsorbed on MnO2. A previous
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O tracer

study (Gordon and Taube, 1962) of aqueous U(IV) oxidation by MnO2 found that the
oxygen atoms in UO22+ were derived from the MnO2, indicating that this redox
reaction was a heterogeneous process involving inner-sphere electron transfer. These
multiple lines of evidence suggested that the fate of aqueous U(IV) on MnO2 is
adsorption, subsequent oxidation, and eventually U(VI) adsorption to MnO2. The
subsequent detachment and solubilization of sorbed U(VI) can depend on water
chemistry parameters that impact U(VI)-MnO2 adsorption equilibrium.
The reaction pathway mediated by soluble U(IV) could explain the results from
the multichamber reactor experiments. Spatially separated MnO2 could not
effectively accelerate the dissolution of UO2 by only relying on the transport of
aqueous intermediates. In the multichamber UO2||MnO2 experiment, U(IV) was
released from UO2, transported to the MnO2 surface, and then oxidized. MnO2 did
not directly impact the intrinsic dissolution rate of UO2, but it acted as an adsorbent
that removes the dissolved U.
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A mathematical model for the UO2||MnO2 experiment was developed to examine
this pathway. The model was based on assumptions that (1) non-oxidative UO2
dissolution followed a rate law determined by a rate constant (k) and the solution
saturation state (Q / K = [U] / [U]eq) (Bethke, 2008) and (2) the adsorption of U to
MnO2 was so fast and strong that the dissolved U in the MnO2 chamber was always
zero. The first assumption was based on experimental observations that the dissolved
U in the UO2||water system appeared to asymptotically approach equilibrium (Figure
3.2c). The second assumption was supported by the low dissolved U concentrations
in the MnO2 chamber (< 0.01 μM) throughout the entire experiment (Figure 3.2b).
For simplicity, the speciation of the dissolved U was not considered in the analysis
and a generic dissolution rate law was applied.
For the UO2||water system, the governing equations are

V

V

d UUO2
dt

 [ U]UO2
 V  k  1 

[U]eq



  v  A  [U]UO  [U]water
2





d Uwater
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dt







(3)
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and for the UO2||MnO2 system the governing equations are
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d Uextractable
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(5)

(6)
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where V (110 mL) was the volume of each chamber, A (20 cm2) is the interfacial area
of the dialysis membrane, ν (3.4×10-7 m/s) is the transmembrane mass transfer
coefficient of dissolved uranium. The transmembrane mass transfer coefficient was
estimated from a conservative tracer experiment using fluoride and a semi-empirical
equation relating the molecular weight and mass transfer coefficient (Figure S3.3 of
the Supporting Information). The flux (mol m-2 s-1) of an aqueous species is
proportional to its concentration gradient across the membrane. [U]eq (0.24 μM) is
the observed final concentration of dissolved U with respect to UO2. The
experimentally observed final U concentration (0.24 μM) was higher than the
calculated solubility of UO2 of 3.2 nM based on the thermodynamic equilibrium
constants (Guillaumont et al., 2003) and a previous value of 12 nM obtained
experimentally by flushing the syn-UO2 in CSTR with anoxic water (Ulrich et al.,
2008). The higher final U concentration might be attributed to a very small fraction
of labile U(VI) phases in the original syn-UO2 solids or the possible presence of
trace-level oxidants. The rate constant k (1.25×10-12 mol L-1 s-1) for UO2 dissolution
was obtained by fitting the data from UO2||water experiments (Figure 3.2c). With no
additional fitting the model was then applied to the UO2||MnO2 system. As indicated
by the lines in Figure 3.2 and Figure 3.3, the models gave excellent fits of the
experimental data. The goodness of fit supports the proposed pathway of MnO2 only
acting indirectly to impact UO2 dissolution by adsorbing and then oxidizing U(IV)
released from UO2.
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3.4.1.2 With physical contact
The regions near the contact points between MnO2 and UO2 are very likely the
predominant location where the redox reactions take place. Nevertheless, little is
known about the intrinsic mechanisms governing reactions in the microscopic
interface zones, such as in the UO2-ferrihydrite system (Spycher et al., 2011). The
simplest interpretation is that electron transfer occurs directly between UO2 and
MnO2; however, solid-solid electron transfer may require unlikely molecular-level
coordinative interactions between surface functional groups on the two dissimilar
solid phases (i.e. enough orbital overlap) (Fredrickson et al., 2002a; Ginder-Vogel et
al., 2010). Alternatively, it may be possible that the redox reactions between UO2
and MnO2 are still mediated by transport of aqueous species from one oxide and
subsequent electron transfer on the surface of the other oxide. These intermediates
could be in the form of dissolved species or molecular clusters (Liu et al., 2002),
which might be highly reactive with short life times that would not allow them to be
effectively mobilized into the bulk solution. These low-mobility intermediates might
not have a chance to encounter the other mineral surface if they have to be
transported over distances longer than those in the zone nearest the UO2-MnO2
contacts. From the TEM image (Figure 3.10c) of the completely mixed UO2-MnO2
suspension, the UO2 and MnO2 particles are closely associated with distances
between their surfaces on the order of nanometers.
Close proximity may allow greater reactions at the interface between two solids.
Therefore the macroscopic reaction kinetics of the UO2-MnO2 reaction showed a
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dependence on solid-solid contact, and the production rate of U(VI) should appear as
a function of the available contact areas of the two solids. A previous
electrochemical model derived that the rate of U(VI) production would be
proportional to the square roots of the individual surface area concentrations (m2/L)
of UO2 and MnO2 (Liu et al., 2002). This reaction rate law successfully described the
oxidation of biogenic UO2 coupled with β-MnO2 reduction without considering the
exact reaction mechanisms. On the other hand, if the kinetic model is simplified to a
solid-solid reaction, then relevant factors of the particles need to be appropriately
considered, such as dispersion and migration, subsurface localization, aggregation,
morphology and particle size. Based on the reactor and characterization results of the
present study (Figure 3.9 and Figure 3.10), the leveling-off of UO2 dissolution rates
at higher MnO2:UO2 ratios could be attributed to the large difference of particle sizes
(and specific surface areas) between syn-UO2 and δ-MnO2. The interaction between
synthetic UO2 and MnO2 in this study is a special case of solid-solid redox reaction,
in which the reductant with larger particle size is oxidized by a smaller-sized oxidant.
The high surface area and small particle size of MnO2 may facilitate its collection by
the large syn-UO2 particles.
A conceptual model, analogous to Michaelis–Menten kinetics, was proposed to
describe the observed saturation effect of MnO2 on the UO2 oxidation rate. The
model is based on the characteristics of the materials and a few experimentallyvalidated assumptions. It was assumed that the UO2-MnO2 reaction primarily occurs
when two dissimilar solids touch each other or get very close and form a state of
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close proximity (denoted by UO2∙∙MnO2), so the production rate of U(VI) is first
order with respect to [UO2∙∙MnO2].
d [U(VI)]
 k1 UO2  MnO2   k0 [UO2 ]
dt

(7)

where the rate constant k1 is a function of water chemistry (e.g., pH, carbonate) due
to its control of the surface speciation and passivation of reactants, and k0 is a rate
constant accounting for the dissolution of UO2 in the absence of MnO2.
At pH 7.6, synthetic UO2 (pHpzc=5.4) and δ-MnO2 (pHpzc=1.6) are both
negatively charged. Although they approach and may collide, the repulsive
electrostatic forces between them make it unlikely that they will form hard
agglomerates. Therefore, the formation of UO2-MnO2 states of close proximity is
reversible. The rates of formation and detachment are proportional to the
concentrations of individual UO2 and MnO2 particles and states of close proximity.
The rate of change of [UO2∙∙MnO2] follows
d  UO2  MnO2 
dt

 k2 [MnO2 ]f [UO2 ]f  k2  UO2  MnO2   k1  UO2  MnO2  (8)

where [MnO2]f and [UO2]f are the concentrations of their free particles. The rate
constants k2 and k-2 depend on the affinity between the two solids and are affected by
their surface charges and by suspension mixing. At steady state in the CSTR
experiments, the rate of change of [UO2∙∙MnO2] is zero. The mass balance of UO2
and MnO2 gives

[UO2 ]  [UO2 ]f  [UO2  MnO2 ]

(9)
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[MnO2 ]  [MnO2 ]f

(10)

where [UO2] and [MnO2] are the total concentrations of the individual oxides. At all
of our experimental conditions, only small amounts of the total MnO2 were involved
in UO2∙∙MnO2 formation so the total MnO2 can be approximated as the free particles.
Combining Eq. 7-10, the oxidation rate of U can be written as

d U(VI) k1[MnO2 ][UO2 ]

 k0 [UO2 ]
k 2  k1
dt
 [MnO2 ]
k2

(11)

The U oxidation rate (mol s-1 L-1), expressed by the rate of U(VI) production in
Eq. 11, is directly related to the steady-state effluent U concentrations. This rate
expression indicates that when the total available surface area of MnO2 is much
greater than that of UO2, the oxidation rate of UO2 will not further increase. The rate
does remain proportional to the UO2 concentration.
This model successfully simulated the data of U oxidation rates at different
MnO2 concentration (0 to 10 mM) at a fixed UO2 loading (1 mM) (Figure 3.9).
Additional experiments (Exp. 8 and 9 in Table 3.1) conducted at different UO2
concentrations were used to validate the model. With the rate constants obtained at 1
mM UO2, the model could predict the U oxidation rates at other UO2 concentrations.
The predicted U oxidation rate (Ro) from Eq. 11 for Exp. 8 and Exp. 9 were 0.26 and
1.87 nmol L-1s-1 versus the observed values of 0.27 and 1.94 nmol L-1s-1, respectively.
The linear dependence of U oxidation rate on UO2 concentration confirmed that the
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availability of UO2 surfaces was the primary limiting factor for the overall oxidation
kinetics.
This conceptual model is based on a special case involving two solids with
distinct particle sizes. For biogenic UO2, which has larger specific surface area and
smaller particle size, Eq. 10 may not be valid for the range of the UO2:MnO2 ratios
in the experiments. Instead, the oxidation rate of biogenic UO2 by MnO2 may show
dependence on both solid reactants. Nevertheless, the general method for interpreting
kinetic data of solid-solid redox reaction has applications beyond UO2-MnO2
interactions. A commonly reported rate expression involving a solid-solid redox
reaction is the kinetic order dependence of reductant and oxidant (usually from zero
to one). For example in a reaction between chromite (FeCr2O4, 0.25 m2/g) and
birnessite (125 m2/g) (Oze et al., 2007), a fractional-order dependence (0.7) of the
Cr(VI) production rate on chromite and no dependence on birnessite were observed
in experiments in which the surface area concentration (m2/L) of birnessite was
larger than that of chromite by at least two orders of magnitude. In the solid-solid
redox reaction between bio-UO2 (113 m2/g) and ferrihydrite (210 m2/g) (GinderVogel et al., 2010), fractional-order dependences on both bio-UO2 and ferrihydrite
were observed. Similarly, in the abiotic oxidation of bio-UO2 by pyrolusite (β-MnO2)
with comparable surface area concentrations of both solids, a reaction order of 0.5
for both reactants could model the kinetics (Liu et al., 2002). These dependences of
the rate of solid-solid redox reactions on the concentrations of the solids observed in
previous studies might also be interpreted in the framework based on surface-surface
contact with a rate law similar to Eq. 11 and not using fractional reaction orders. The
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kinetic orders of the individual reactants might not be constants, but rather the
reaction rate may be governed by the available surface area of one solid relative to
that of the other. This conceptual model of solid-solid reactions may also be relevant
to the fate and transport of other reductively remediated metal contaminants in the
subsurface, such as Np, Tc and Pu.

3.4.2 The fate of reaction products from UO2-MnO2
interactions
3.4.2.1 Fate of oxidized uranium from UO2-MnO2 interactions
The strong adsorption of U(VI) to MnO2 could mitigate the mobilization of UO2
by MnO2 by two primary mechanisms. First, MnO2 could retain substantial amounts
of oxidized U(VI) due to its high adsorption capacity. Second, adsorption of U(VI) to
MnO2 could be an important mechanism of MnO2 surface passivation, which
decreases the availability of the oxidizing surface sites on MnO2. The first
mechanism controls the partitioning of oxidized U(VI) during the early period of
UO2-MnO2 interaction. The second mechanism would be important for longer-term
UO2 dissolution induced by the redox reactions with MnO2. Water chemistry factors,
such as pH and dissolved inorganic carbon, that impact U(VI) adsorption to MnO2
could exert an indirect effect on the oxidative dissolution of UO2 by MnO2.
Dissolved inorganic carbon (DIC) is a critical factor controlling the fate and the
mobilization rate of oxidized U from UO2-MnO2 interactions. DIC is known to
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strongly inhibit U(VI) adsorption to metal oxides by forming non-adsorbing uranylcarbonato complexes (Villalobos et al., 2001; Wazne et al., 2003). DIC can desorb
U(VI) from contaminated sediments (Liu et al., 2009) and facilitate the detachment
of surface oxidized U(VI) from UO2 (Ulrich et al., 2009). In the process of UO2
remobilization induced by iron and manganese oxides, DIC can also indirectly
enhance the UO2 oxidation rates by mitigating the surface passivation of the metal
oxides caused by the coverage of U(VI) product. Increased rates and extents of UO2
oxidation by ferrihydrite with increasing DIC concentrations were previously
observed in batch experiments (Ginder-Vogel et al., 2010; Girardot, 2010). The
flow-through experiment results in the present study confirmed that this promotional
effect of DIC on UO2 oxidative dissolution by MnO2 could persist over longer time
scales.

3.4.2.2 Fate of reduced manganese from UO2-MnO2
interactions
Strong retention of Mn(II) by MnO2 during reduction has been reported (Power
et al., 2005; Lafferty et al., 2010a; Lafferty et al., 2011), and retention of Mn on
MnO2 was also confirmed by the CuSO4 extraction in the present study (Figure 3.7).
The gap in the stoichiometry based on the sums of soluble and extractable U(VI) and
Mn(II) may be partially attributed to the inability of the extraction method to
completely desorb Mn(II); a previous study showed that adsorption-desorption of
Mn(II) on MnO2 might not be fully reversible (Murray, 1975). However, an
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incomplete extraction could not explain the lack of accumulation of adsorbed Mn(II)
from 24 to 40 hours (Figure 3.7) and the larger gap of the U(VI) and Mn(II) balance
as the reaction proceeded (Figure 3.8). Part of the reduced Mn product might be
retained as structurally incorporated Mn(III) that could not be extracted with CuSO4.
From the Mn K-edge XANES spectrum of the reacted materials collected in a
separate experiment, reduction of Mn from +IV to lower oxidation states was
observed (Figure S3.4. of the Supporting Information). The shape and position of the
edge for the reacted sample indicates that both Mn(II) and Mn(III) phases may have
formed in the final solid products. Some recent studies proposed that the mechanism
of Mn(III) phase formation is through a conproportionation reaction involving
electron exchange between sorbed Mn(II) and structural Mn(IV) (Perez-Benito, 2002;
Lafferty et al., 2010b; Zhu et al., 2010b). Birnessite to which Mn(II) is adsorbed is
not a static phase but instead may undergo a cascade of secondary transformations,
gradually leading to feitknechite (β-MnOOH) and manganite (γ-MnOOH) (Elzinga,
2011). Lafferty et al. (2010b) employed X-ray absorption spectroscopy to track the
time-resolved change of Mn oxidation states during As(III) oxidation by δ-MnO2 and
found that the fraction of Mn(III) accumulated as the reaction proceeded.
The implications of the fate of reduced Mn for UO2-MnO2 interactions are twofold. First, adsorption of Mn(II) to MnO2 may block the oxidizing surface sites and
thus passivate MnO2 (Oscarson et al., 1983; Scott and Morgan, 1995). Unlike the
passivation by adsorption of U(VI), passivation induced by Mn(II) adsorption would
not be alleviated by adding DIC. Second, the electron exchange reaction of adsorbed
Mn(II) and structural Mn(IV) may lead to the formation of Mn(III) solid phases,
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which may change the reactivity of the original MnO2, although the relative
reactivity of solid-phase Mn(III) and the original Mn(IV) is not conclusively known.
Both more reactive (Nico and Zasoski, 2000, 2001) and less reactive behaviors
(Nesbitt et al., 1998; Tournassat et al., 2002; Zhu et al., 2009; Lafferty et al., 2010b)
of Mn(III) phases have been reported.

3.4.3 UO2-MnO2 interactions in subsurface environments
Several scenarios through which U(IV) stability could be impacted by Mn oxides
and the Mn redox cycling are possible in subsurface environments. Naturally present
Mn oxide minerals can decrease the rate of bioredutive immobilization of uranium
by directly competing with dissolved U(VI) for electrons from the respiration of
metal-reducing bacteria and by reoxidizing biogenically precipitated U(IV)
(Fredrickson et al., 2002a; Liu et al., 2002). The presence of Mn oxides could also
impede the generation of biogenic Fe(II) (Myers and Nealson, 1988; Kostka et al.,
1995), which could limit Fe(II)-induced U(VI) reduction on Fe(III) oxide surfaces
(Liger et al., 1999; Boland et al., 2011). Bio-reduced U(IV) species are often in the
form of nanometer-sized particles associated with organic matter and biomass
(Suzuki et al., 2002; Bargar et al., 2008), and mobile U(IV)-containing colloids
(Mkandawire and Dudel, 2008) could be transported into close proximity of Mn
oxides. Because Mn oxides can be biologically produced from two soluble and
mobile reactants, Mn(II) and O2, Mn oxides could also be directly produced in close
proximity to UO2 (Chinni et al., 2008). This process could be particularly important
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following bioremediation when subsurface concentrations of Mn(II) and U(IV) are
high and dissolved O2 begins to re-enter the bioremediated zone. Because Mn
oxides can be produced rapidly even at low levels of O2, they can be a much more
potent oxidant for UO2 than the O2 itself in this early stage of reoxidation.
UO2-MnO2 interactions can be mediated by aqueous intermediates in subsurface
environments that are rich in complexing ligands. In the presence of certain organic
ligands, aqueous U(IV) can be mobilized from the bioreduced U(IV) solids (Luo and
Gu, 2008; Luo and Gu, 2011) or be stabilized as dissolved complexes in the process
of bio-reduction of U(VI) (Sheng et al., 2011). Ligand-stabilized soluble Mn(III) has
been found to be an important environmental oxidant (Kostka et al., 1995;
Trouwborst et al., 2006; Madison et al., 2011). The ligand-stabilized Mn(III)
complexes can exist as intermediates of microbial Mn oxidation or reduction
(Ehrlich, 1987; Webb et al., 2005a; Learman et al., 2011) and dissolution products of
Mn(III)-bearing minerals (e.g., MnOOH) (Klewicki and Morgan, 1999; Duckworth
and

Sposito,

2005a).

These

complexing

ligands,

such

as

citrate

and

ethylenediaminetetraacetate (EDTA) for U(IV) and pyrophosphate and siderophores
for Mn(III), could affect the extent of UO2-MnO2 interactions. A recent study on
UO2 oxidation by Fe(III) (hydr)oxides in the presence of Fe(III) chelators found that
soluble Fe(III) intermediates might dominate the reaction pathway (Girardot, 2010).

3.5 Conclusions
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The results from the multichamber reactor experiments indicated that an effective
redox interaction between UO2 and MnO2 may require physical contact or close
proximity of the two dissimilar solids. Because aqueous U(IV) and Mn(III,IV)
intermediates could not persist at appreciable concentrations in the experimental
conditions, the close proximity between UO2 and MnO2 particles may allow the
electron transfer among the surface groups and short-lived aqueous intermediates.
When direct contact is not possible, UO2-MnO2 interactions sluggishly progress
through release of U(IV) to solution followed by its adsorption and oxidation on
MnO2. Complete mixing of UO2 and MnO2 led to a much greater rate and extent of
U oxidation.
Continuously stirred tank reactor (CSTR) experiments demonstrated that the
dissolution of UO2 could be dramatically promoted by MnO2 at steady state, but the
degree of promotion reached a plateau when the MnO2:UO2 ratio exceeded a critical
value, which was probably due to the surface of UO2 becoming saturated with
respect to contact with MnO2. Substantial amounts of U(VI) and Mn(II) were
retained on MnO2 at steady state, which could passivate the MnO2 surface. The
effluent Mn concentration was always lower than U, and the total production of
Mn(II) was less than that of U(VI). The substoichiometric release of Mn(II) relative
to U(VI) suggests the formation of a Mn(III) phase. UO2 oxidation and dissolution
induced by MnO2 was found to be more favorable at higher dissolved inorganic
carbon concentrations because carbonate inhibited U(VI) adsorption to MnO2 and
thus alleviated the passivation of MnO2 caused by U(VI) adsorption.
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Based on the finding that direct contact of two dissimilar surfaces is required for
solid-solid redox reaction in an aqueous medium, a conceptual model was proposed
to describe the oxidation UO2 by MnO2. This model is potentially applicable to a
broad range of water chemistry conditions and may be relevant to other redox
processes involving two insoluble solid reactants.
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Chapter 3. Supporting Information
Supplementary data associated with this article can be found in the online version.
This data includes information on the energetics of U-Mn redox interactions, the
experimental systems used for experiments, Mn K-edge XANES spectra of
unreacted MnO2 and MnO2 after reaction with UO2, description of the determination
of the transmembrane mass transfer coefficient, and data from UO2-MnO2 reactions
in experiments using the continuously-stirred tank reactors.
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Figure S3.1. Gibbs free energy of reaction of UO2(am) oxidation by (a, b and c)
different Fe(III) (hydr)oxides and (d, e and f) different Mn(III,IV) oxides as a function of pH
with 3 mM HCO3−, 1 μM U(VI), 1 mM Ca2+, and 10 μM Fe(II) or Mn(II). The calculation
was performed with the same method used in Ginder-Vogel et al. (2006). The calculation in
the present study used the thermodynamic database of Geochemist’s Workbench
(thermo.com.v8.r6+) with updated uranium speciation constants published by the Nuclear
Energy Agency (NEA)(Guillaumont et al., 2003). Note that the speciation of U(VI) varies
over pH and this diagram only gives a range of pH over which the reaction can change from
being thermodynamically favorable to unfavorable.
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Figure S3.2. Experimental setups described in Section 2.2.
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Figure S3.3. Fluoride tracer experiment results (symbols) for the multichamber reactor
and the simulated concentrations (line) using the calculated transmembrane mass transfer
coefficient (νF- = 1.2 × 10-6 m/s).

In the tracer experiment, sodium fluoride was added to one side of the
multichamber reactor to provide an initial concentration of 1 μg/L. The concentration
of fluoride in the other chamber was monitored using a fluoride selective electrode.
Both chambers were completely mixed during the experiment. The transmembrane
mass transfer coefficient of fluoride was obtained by a least squares minimization of
the difference between the measured and simulated concentrations.
The mass transfer coefficient of dissolved U species was estimated to be 3.4 ×
10-7 m/s using the following empirical equation (Bird et al., 2002)


1

 F  MWF  2


vU  MWU 
where MW is the molecular weight for the dissolved species. For simplicity, the
dissolved U species was assumed to have a molecular weight of 238.
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Figure S3.4. Mn K-edge XANES spectra of the unreacted synthetic δ-MnO2 and the
solid sample collected from a UO2-MnO2 batch experiment performed at pH 7.6 and 1 mM
DIC with loadings of 1 mM MnO2 and 2 mM UO2. Such a low MnO2:UO2 ratio was selected
to yield the most readily observable change of the overall oxidation state of Mn should redox
reactions occur. The solids in the reactor were collected after 48 hours and stored as a
concentrated wet paste in a dark and anaerobic environment until analysis. The reference
XANES spectra of Mn(II), Mn(III) and Mn(IV) standards and the positions of their
absorption maxima (i.e. “white lines”) are included for a qualitative comparison.

The initial synthetic δ-MnO2 contained predominantly Mn(IV). The shift of the
Mn XANES spectrum to lower energy for the sample collected after UO2-MnO2
reaction indicated that Mn was reduced by UO2. The shape and position of the edge
suggests that both Mn(II) and Mn(III) phases may be present in the final solid
products.
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Figure S3.5. Effluent U and Mn concentrations from the CSTR experiments at different
loadings of UO2 and MnO2. Data are shown for duplicate experiments. Experiment IDs are
included in the legends for reference to Table 3.1.
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Figure S3.6. Effluent U and Mn concentrations from the CSTR experiments at pH 7.6
with 1 mM UO2 and 7.5 mM of MnO2 in (a) the absence and (b) the presence of 5 mM
dissolved inorganic carbon. Experiment IDs are included in the legends for reference to
Table 3.1.

Reproduced with permission from [Wang, Z.; Lee, S.W.; Kapoor, P.; Tebo B.M.;
Giammar, D.E., Uraninite oxidation and dissolution induced by manganese oxide: A
redox reaction between two insoluble minerals. Geochimica et Cosmochimica Acta
2013, 100(1): 24-40.]. Copyright [2013] Elsevier.
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Chapter 4 Adsorption of Uranium(VI)
to Manganese Oxides: X-ray
Absorption Spectroscopy and Surface
Complexation Modeling
Results of this chapter have been published in Environmental Science & Technology,
2013, 47(2): 850 - 858.

Abstract
The mobility of hexavalent uranium in soil and groundwater is strongly governed
by adsorption to mineral surfaces. As strong naturally-occurring adsorbents,
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manganese oxides may significantly influence the fate and transport of uranium.
Models for U(VI) adsorption over a broad range of chemical conditions can improve
predictive capabilities for uranium transport in the subsurface. This study integrated
batch experiments of U(VI) adsorption to synthetic and biogenic MnO2, surface
complexation modeling, zeta potential analysis, and molecular-scale characterization
of adsorbed U(VI) with extended X-ray absorption fine structure (EXAFS)
spectroscopy. The surface complexation model included inner-sphere monodentate
and bidentate surface complexes and a ternary uranyl-carbonato surface complex,
which was consistent with the EXAFS analysis. The model could successfully
simulate adsorption results over a broad range of pH and dissolved inorganic carbon
concentrations. U(VI) adsorption to synthetic δ-MnO2 appears to be stronger than to
biogenic MnO2, and the differences in adsorption affinity and capacity are not
associated with any substantial difference in U(VI) coordination.

4.1 Introduction
Uranium contamination of soil and groundwater is a legacy of past activities
associated with the nuclear fuel cycle as well as a continuing concern associated with
current mining operations.(Abdelouas et al., 1999) The fate and transport of uranium
in subsurface environments are governed by processes that include redox reactions,
dissolution/precipitation, and adsorption/desorption. For many soils and sediments
the solid-water partitioning of U(VI) is predominantly controlled by adsorption to
mineral surfaces.(Barnett et al., 2002; Catalano and Brown Jr, 2005; Wang et al.,
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2011b) Numerous studies of U(VI) adsorption to major components of sediments,
including iron (hydr)oxides, quartz and clay minerals,(Giammar and Hering, 2001;
Davis et al., 2004; Catalano and Brown Jr, 2005; Fox et al., 2006; Wang et al., 2011b)
have been conducted. Adsorption can mitigate the dissolved concentration and
potential migration of uranium, and a thorough understanding of U(VI) adsorption to
mineral surfaces is critical in predicting uranium fate and transport.
Manganese oxide minerals are ubiquitous in natural environments as coatings
and fine-grained aggregates.

Hexagonal phyllomanganates (birnessite-group

minerals, MnO2-x, where x depends on the Mn(III) fraction) are the dominant Mn
oxides in natural aquatic systems,(Post, 1999; Villalobos et al., 2005b; Zhu et al.,
2012) which have highly analogous properties to chemogenic δ-MnO2 (vernadite)
(Villalobos et al., 2003). Due to their large specific surface areas with reactive sites
and powerful oxidizing activity, manganese oxides can exert a major influence on
the fate of uranium even if they are only present as minor constituents in the
subsurface (Borch et al., 2010). In natural systems Mn oxide formation is largely
driven by Mn-oxidizing bacteria, which enzymatically catalyze Mn(II) oxidation at
rates that are orders of magnitude higher than by abiotic processes (Tebo et al., 2004;
Morgan, 2005) even at low dissolved O2 concentrations (Clement et al., 2009).
Manganese is at appreciable concentrations (e.g., up to 20 μM soluble Mn in the
groundwater at the Rifle site in Colorado (Campbell et al., 2011)) at several Ucontaminated sites. The introduction of Mn(II) into microoxic or oxygenated
subsurface regions may provide conditions ideal for biological oxidation of Mn and
formation of Mn oxides.
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Mn oxides can be a strong adsorbent for metals (Appelo and Postma, 1999;
Pretorius and Linder, 2001; Tonkin et al., 2004; Zhu et al., 2010a). Regardless of
their origins (biogenic vs synthetic) and identities (various polymorphs), Mn oxides
consistently had higher sorption affinity for heavy metals (e.g., Pb) than a set of
environmentally relevant iron oxides with similar surface areas (McKenzie, 1980;
O'Reilly and Hochella, 2003). The adsorption behavior of U(VI) to mineral surfaces
exhibits strong dependences on pH, carbonate, and calcium (Wazne et al., 2003;
Dong et al., 2005; Fox et al., 2006; Stewart et al., 2010). Carbonate inhibits U(VI)
adsorption by forming soluble U(VI)-carbonate complexes. Formation of soluble
calcium-uranyl-carbonate ternary complexes also makes U(VI) adsorption less
favorable. While adsorption to Mn oxides can retard U transport in the subsurface,
Mn oxides can oxidize the low solubility U(IV) products of bioremediation (e.g.,
biogenic Uraninite (Bargar et al., 2008)) to more soluble U(VI) species, potentially
remobilizing U (Fredrickson et al., 2002a; Liu et al., 2002; Chinni et al., 2008). For
such biogeochemically active systems, the subsequent adsorption-desorption
processes involving Mn oxides and U(VI) can exert critical impacts on the mobility
of uranium.
As a tool for predicting U(VI) adsorption to mineral surfaces (Barnett et al., 2000;
Davis et al., 2004; Singh et al., 2010b), surface complexation models (SCM) are
most robust when they are consistent with the molecular structure of the surface
complexes obtained by spectroscopic techniques (Hayes and Katz, 1996; Davis et al.,
1998). Extended X-ray absorption fine structure (EXAFS) spectroscopy has been
used to investigate the sorption mechanisms of U(VI) to mineral surfaces (Waite et
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al., 1994; Bargar et al., 2000; Catalano and Brown Jr, 2005; Singh et al., 2012). It
was reported that U(VI) surface complexes on iron (hydr)oxides have been found to
be inner-sphere with U(VI) coordination environments that depend on pH and
dissolved inorganic carbon (Bargar et al., 2000; Ulrich et al., 2006; Sherman et al.,
2008b). In carbonate-containing systems, U(VI)-CO3 ternary surface complexes may
contribute to U(VI) adsorption to iron (hydr)oxides over a wide pH range (Bargar et
al., 1999; Rossberg et al., 2009). Compared with the extensive literature on U(VI)
adsorption to iron (hydr)oxides and clay minerals, systematic studies of U(VI)
adsorption to Mn oxides that combine molecular-scale characterization and surface
complexation modeling are much less common (Sherman et al., 2008a).
The objectives of this study were to evaluate the effect of water chemistry on
U(VI) adsorption to synthetic and biogenic MnO2 materials and to develop an
equilibrium adsorption model with surface complexes that are consistent with
molecular-scale characterization. This study integrated adsorption experiments,
surface complexation modeling, and EXAFS spectroscopy to improve our ability to
predict U(VI) adsorption to environmentally relevant Mn oxides over a range of
aqueous compositions.

4.2 Materials and Methods
4.2.1 Materials
Synthetic Mn oxide (δ-MnO2, vernadite) was prepared by reacting KMnO4 with
MnCl2 at basic pH following the method of Villalobos et al (Villalobos et al., 2003).
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The δ-MnO2 from this synthesis was previously characterized to be the closest
analog of biogenic oxides and natural birnessite with respect to local molecular-scale
structure,(Villalobos et al., 2003) and has been used as a model material for studying
the adsorption and dissolution behavior of Mn oxides in environmentally settings
(Appelo and Postma, 1999; Pretorius and Linder, 2001; Saal and Duckworth, 2010;
Lafferty et al., 2011). The prepared MnO2 slurry was washed by 0.01 M NaCl five
times, dialyzed against ultrapure water, and then stored as a concentrated suspension.
The δ-MnO2 specific surface area was 188 m2/g based on 11-point BrunauerEmmett-Teller (BET) N2 adsorption (Autosorb-1-C, Quantachrome). Biogenic MnO2
was produced by Bacillus sp. strain SG-1 spores in HEPES buffer (pH 7.5) with
periodic addition of MnCl2 to 10 µM (Bargar et al., 2005). Purification of biogenic
MnO2 was performed by extracting organic matter from the Mn-oxides by washing
with two volumes of 95% hexane followed by two volumes of 99.9%
tetrahydrofuran (Chinni et al., 2008). The Mn oxides were then rinsed 5-6 times with
ultrapure water. The BET-measured specific surface area of the biogenic MnO2 was
110 m2/g. X-ray diffraction (XRD) indicated that both the synthetic δ-MnO2 and
biogenic MnO2 were poorly crystalline (Figure S3.1 of the Supporting Information).
The prepared two materials were in a form of concentrated slurry with good
homogeneity. The Ultrapure water (>18MΩ-cm resistivity) was used in all
experiments after being boiled for 30 min to remove dissolved CO2. Certified ACS
grade chemicals were used to prepare all aqueous solutions. A U(VI) stock solution
was prepared from UO2(NO3)2·6H2O (Antec, KY).
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4.2.2 Batch adsorption experiments
Batch experiments using δ-MnO2 were conducted over pH 2 to 10 at two total U
concentrations (2 and 50 μM) and three dissolved inorganic carbon (DIC)
concentrations (0, 1 and 5 mM). Experiments in the absence of DIC were performed
in a glovebox (Coy Laboratory Products Inc., MI) with an atmosphere of low CO2
created by scavenging with strong base. The dissolved inorganic carbon was set by
addition of NaHCO3, and the reactors with 50 mL total solution were tightly sealed
to make them closed systems. The pH was set by addition of concentrated solutions
of HNO3 or NaOH. U(VI) adsorption experiments over a wide range of total U
concentrations at pH 7.5 and 1 mM DIC were also conducted to obtain data for
evaluating an adsorption isotherm. This condition was selected because it was
environmentally relevant and enabled high U(VI) loading without the possible
precipitation of U(VI) minerals. U(VI) adsorption to biogenic MnO2 was studied
under selected conditions for comparison.
At the start of each adsorption batch experiment, the stock MnO2 suspensions
were dispersed with a sonicating microprobe (Fisher Scientific, PA) for 30 min to
eliminate particle aggregation. For both materials, aliquots of stock suspension were
added to yield 0.1 g/L MnO2. The ionic strength was fixed at 0.01 M with NaNO3.
Selected experiments at a higher ionic strength of 0.1 M were conducted for
synthetic δ-MnO2. Suspensions were well-mixed on a shaker for 48 hours; this time
was demonstrated to allow equilibration based on preliminary adsorption kinetics
experiments. The samples were filtered with 0.02 μm filters (polyethersulfone, Tisch
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Environmental, OH) and preserved in 2% HNO3. Dissolved U and Mn
concentrations were analyzed by ICP-MS (7500ce, Agilent Technologies, CA). Mn
in the filtrate was always negligible compared with the total Mn in the suspensions;
thus, few if any MnO2 particles dissolved or passed through the filter. The final pH
was recorded. Uranium adsorption was calculated by the difference between known
total and measured dissolved U concentrations.

4.2.3 ζ potential analysis
Zeta potential analysis was performed to study the effect of U(VI) adsorption on
the surface charge properties of the MnO2 materials. Suspensions were prepared in a
similar way to the batch sorption samples, and aliquots were withdrawn with
syringes and injected into a zeta potential analyzer (Zetasizer 300 Hs Malvern,
Southborough, MA).

4.2.4 Extended X-ray absorption fine structure spectroscopy
The coordination environment of U(VI) adsorbed to Mn oxides was
investigated with extended X-ray adsorption fine structure (EXAFS) spectroscopy.
Separate adsorption batch experiments were conducted to prepare fresh samples
immediately before (less than a week) beamline measurements. Scaled-up reactors
(250 mL) were used to prepared samples with sufficient mass for EXAFS
measurements. Samples were collected from batch adsorption experiments with
synthetic and biogenic MnO2 at a total U(VI) concentration of 50 μM and varied pH
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and DIC concentration. The experimental conditions for these samples are
summarized in Table 3.1. All samples were centrifuged and loaded as wet pastes in
Al sample holders sealed with Kapton windows in a CO2-free chamber. The sample
holders were packed together with moist tissues to minimize sample drying during
shipment to the Stanford Synchrotron Radiation Lightsource (SSRL). U LIII-edge
EXAFS spectra were collected at SSRL beamline 11-2 using a Si (220) double
crystal monochromator. Two samples (bio-MnO2 at pH 8.2 and 5 mM DIC and δMnO2 at pH 4.2 without DIC) were analyzed in a liquid nitrogen cryostat (77 K) and
the others at room-temperature. All samples were kept under vacuum (~10-7 Torr).
The monochromator was calibrated using an yttrium foil (17038.4 eV). The EXAFS
data were processed and analyzed using the Athena (Ravel and Newville, 2005) and
SixPACK (Webb, 2005) interfaces to IFEFFIT (Newville, 2001). Phase-shift and
backscattering amplitude functions required for fitting structural models to the
EXAFS spectra were calculated in FEFF 9.03 (Rehr et al., 2009) using the crystal
structures of lehnerite, Mn(UO2PO4)2·10H2O (Locock et al., 2004), and liebigite,
Ca2UO2(CO3)2·11H2O (Mereiter, 1982). The three multiple scattering paths
produced by the axial oxygens of the uranyl cation (Hudson et al., 1996) were
included in all fits. The data were fit over a k-range of 2.5 to 11 Å-1 and an R-range
of 1 to 4.5 Å. No window function was used and all data were fit in R-space.

4.2.5 Surface complexation modeling
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Surface complexation modeling provided a quantitative reaction-based
framework for evaluating the effects of pH, DIC and MnO2 type on U(VI) adsorption.
A diffuse double-layer model(Dzombak and Morel, 1990) was implemented in
MINEQL+ 4.6 (Schecher and McAvoy, 2007). The SCM includes surface acid-base
reactions, U(VI) adsorption reactions, and the aqueous acid-base and complexation
reactions of uranyl and carbonate (Tables 4.2 and S4.1). Detailed information on the
steps involved in model development and optimization is presented in the Supporting
Information.
The systematic process of developing the SCM was started by fitting the model
to the experimental data for synthetic δ-MnO2. The surface deprotonation constants
were estimated by fixing their midpoint at the measured pHpzc from zeta potential
analysis and were close to published values (Pretorius and Linder, 2001; Tonkin et
al., 2004). Based on the EXAFS results collected in this study, both monodentate and
bidentate U(VI) surface complexes were included in the model, and the exact
reaction stoichiometries were set to match the pH regions over which each of the
complexes dominanted. After optimizing the values of these two surface complexes
to fit the data for conditions without DIC, it was necessary to also include a U(VI)carbonato ternary surface complex when fitting the data from experiments with DIC.
The site density was set at 3.2 sites/nm2, which was within the range of commonly
reported site densities for layered Mn oxides (Appelo and Postma, 1999; Pretorius
and Linder, 2001; Tonkin et al., 2004). The site density was initially estimated to be
3.6 sites/nm2 based on the maximum adsorption density obtained at pH 7.5 and 1
mM DIC with a tentative assumption that bidentate surface complexes were
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predominant. Using this site density, the SCM could fit all the adsorption edges for
δ-MnO2 but it overestimated the maximum adsorption densities in adsorption
isotherms due to the presence of the monodentate surface complex. The lower site
density (3.2 sites/nm2) yielded a better fit of the adsorption isotherm and was then
retained as a constant in all other simulations and optimizations (details included in
the Supporting Information). Although MnO2 has the possibility of adsorbing cations
at edge sites as well as to fixed-charge cation exchange sites on the large basal planes,
adsorption experiments at different ionic strength indicated that U(VI) adsorption to
fixed charge sites was not significant. Consequently, cation exchange reactions were
not included in the model.
Only the equilibrium constants for the three surface complexation reactions were
varied to fit the adsorption dataset over the full range of pH, DIC and total U(VI).
The optimal constants were obtained by determining the values that yielded the
minimum sum of squares of the residuals between experimental data and model
simulation. The optimization was performed by systematically conducting multiple
forward calculations in MINEQL+ to identify the equilibrium constants that
provided the best fit to the data (details included in the Supporting Information). The
equilibrium constants of the two carbonate-free surface complexes were determined
simultaneously by optimizing the model fit to the data from experiments without
DIC, and once those were determined they were fixed as the equilibrium constant of
the ternary surface complex was determined by optimization of the model fit to the
data from experiments with DIC. The SCM framework for δ-MnO2 was then applied
to simulate the experimental data for bio-MnO2 using the same surface complexation
88

reactions, site density, and intrinsic equilibrium constants for the second
deprotonation reaction of the MnO2 surface (i.e., ≡MnO−). The first deprotonation
reaction was constrained by the measured pHpzc and the fixed second deprotonation
reaction. With all the parameters fixed, a similar optimization procedure as described
for δ-MnO2 was used to determine the values of the three equilibrium constants for
the biogenic MnO2 (details included in the Supporting Information).
In MINEQL, an exponent of two is used for the activity of ≡MnOH in the mass
action expression for bidentate surface complexation. The equilibrium constants in
MINEQL are with respect to a standard state of 1 mol/L and are not intrinsically
independent of the specific surface areas and the site densities of the sorbents. For
bidentate surface complexation reactions, the equilibrium constants as input in
MINEQL depend on the amount of sorbent. Because the models in the present study
involved the comparison of two types of manganese oxides with different specific
surface areas and bidentate surface complexation, the traditional molar-based
constants (K0) were converted into intrinsic equilibrium constants (Kθ) using the
corrections established by Sverjensky (Sverjensky, 2003; Sverjensky, 2006):
For monodentate surface complexation
 NA 
Kθ  K 0 * * 
N A 

(1)

For bidentate surface complexation

 ( NA)2 
K  K  * * Cs
N A 
θ

0

(2)
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where N (sites/nm2) and A (m2/g) are the site density and specific surface area of the
manganese oxide. N*A* is a constant product (10 sites/nm2×10 m2/g = 100×1018
sites/g was selected for this study) of a reference site density and specific surface
area. Cs (g/L) is the concentration of MnO2 solid.

Figure 4.1. U(VI) adsorption to 0.1 g/L synthetic δ-MnO2 at a total U(VI) concentration
of (a) 2 µM and (b) 50 µM at different dissolved inorganic carbon (DIC) concentrations.
An ionic strength of 0.01 M was provided by NaNO3. Data are shown as symbols and
SCM simulations as lines.

4.3 Results and Discussion
4.3.1 Equilibrium adsorption experiments
While the shapes of the adsorption edges (Figure 4.1) were similar to those for
U(VI) adsorption to iron (hydr)oxides, the distinct increase of adsorption (i.e., the
adsorption edge) for synthetic δ-MnO2 occurred at lower pH (from pH 2.5 to 3) than
for iron (hydr)oxides (from pH 4 to 6) at similar sorbent/sorbate loadings (Wazne et
al., 2003; Zeng et al., 2009). DIC inhibited U(VI) adsorption above circumneutral pH
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Figure 4.2. U(VI) adsorption to 0.1 g/L biogenic MnO2 at a total U(VI) concentration of 2
and 50 µM in the absence of DIC. An ionic strength of 0.01 M was provided by NaNO3.
Data are shown as symbols and SCM simulations as lines.

due to the formation of stable uranyl-carbonato aqueous complexes. Compared with
the low total U(VI) (2 µM), higher U(VI) loading (50 µM) shifted the adsorption
edge from pH 2.5 to 3.0. Nearly complete adsorption was achieved at neutral pH,
and the inhibitory effect of DIC occurred closer to neutrual pH. A set of additional
adsorption edge experiments conducted at 10 times higher ionic strength (I = 0.1 M)
showed that U(VI) adsorption to δ-MnO2 was insensitive to the concentration of
background electrolyte (Figure S4.2 of the Supporting Information), which provided
indirect evidence that inner-sphere surface complexation was the dominant
mechanism of U(VI) adsorption to MnO2. The U(VI) removal can be attributed to
adsorption and was unlikely to be caused by precipitation, because the measured
equilibrium concentrations of dissolved U in batch experiments were always
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undersaturated with respect to schoepite (UO3·H2O) and other U(VI) solid phases.
(Figure S4.3 of the Supporting Information).

Figure 4.3. Adsorption isotherms for 0.1 g/L δ-MnO2 and biogenic MnO2 at pH 7.5 in
the presence of 1 mM DIC. An ionic strength of 0.01 M was provided by NaNO3. Data
are shown as symbols and SCM simulations as lines.

The biogenic MnO2 appeared to be a weaker sorbent than the synthetic δ-MnO2.
The sorption edge for bio-MnO2 occurred at a higher pH than for the δ-MnO2,
suggesting a lower sorption affinity (Figure 4.2). Bio-MnO2 could not completely
adsorb 50 µM U(VI) at any pH value studied. At alkaline pH in the absence of DIC,
U(VI) adsorption to bio-MnO2 was inhibited by formation of soluble U(VI)-hydroxyl
complexes, but δ-MnO2 could still adsorb more than 95% U(VI) at pH as high as 9.0.
The sorption capacities of the two Mn oxides were compared by adsorption
isotherms (Figure 4.3). The isotherms for both types of Mn oxide had large initial
slopes, which empirically indicates high-affinity adsorption (Sposito, 2004). When
92

the adsorption densities were normalized to the specific surface areas, the maximum
adsorption capacities were only slightly higher (20%) for synthetic δ-MnO2 than for
biogenic MnO2. The initial slope of the isotherm for synthetic δ-MnO2 was larger
than that for biogenic MnO2, again suggesting that the adsorption affinity of U(VI) to
δ-MnO2 was higher than to biogenic MnO2 when the surfaces were far below
saturation.

4.3.2 ζ potential analysis
Zeta potential analysis (Figure 4.4) can indirectly discriminate between innerand outer-sphere surface complexes on metal oxide solids. The formation of charged
inner-sphere surface complexes changes the zeta potential values and the pHpzc
(point of zero charge) because the ion adsorption occurs inside the shear plane
(Stumm and Morgan, 1996). Over the full pH range studied, both synthetic δ-MnO2
and biogenic MnO2 had negative surface charge with very low pHpzc values. The
surface of δ-MnO2 was more negatively charged than biogenic MnO2 below
circumneutral pH. After U(VI) loading, the zeta potential values of both types of
MnO2 shifted positively (i.e., less negative) below pH 5. The positive shift in surface
charge suggested that U(VI) was adsorbed as cationic or neutral inner-sphere surface
complexes that could make the net surface charge less negtative (Wazne et al., 2003).
Above pH 5, both MnO2 materials were highly negatively charged and the impact of
U(VI) sorption on their zeta potentials became less pronounced. When U(VI)
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adsorption to δ-MnO2 occurred in the presence of carbonate, a similar positive shift
in zeta potential was observed (Figure S4.4 of the Supporting Information).

Figure 4.4. Zeta potential of δ-MnO2 and biogenic MnO2 samples (0.1 g/L)
equilibrated with and without 50 µM total U(VI) at different pH values. An ionic
strength of 0.01 M was provided by NaNO3. Error bars indicates the standard
deviations from triplicate measurements.

4.3.3 Extended X-ray absorption fine structure spectroscopy
EXAFS spectroscopy was used to investigate the coordination environment of
uranium associated with synthetic δ-MnO2 and biogenic MnO2 (Figure 4.5 and Table
4.1). A single structural model was created and refined versus the data in order to
facilitate comparison among the samples. This model included a split equatorial O
shell, two Mn neighbors at distances consistent with edge-sharing bidentate (3.3–3.4
Å) and monodentate or bridging bidentate coordination (4.0–4.4 Å; both
configurations produce similar U-Mn distances), and a C neighbor at a distance that
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corresponds to a bidentate carbonate group. Because of the limited data range the
Debye-Waller factors were fixed to typical values (Bargar et al., 2000; Catalano and
Brown, 2004; Catalano and Brown Jr, 2005) in order to reduce correlations with
other parameters. For the samples measured at 77 K the Debye-Waller factor for the
equatorial O shells were set to 0.002 Å2 instead of 0.003 Å2 to account for reduced
thermal motion at low temperature.

Figure 4.5. Data (open dots) and structural model fits (solid lines) to the U L III-edge
EXAFS spectra (a) and Fourier transform magnitudes (b) of the series of U(VI)-sorbed
MnO2 samples. Sample descriptions are summarized in Table 1.

All spectra were well modeled using a split equatorial O shell, consistent with
inner-sphere surface complexes (Table 4.1). All alkaline samples and the biogenic
sample at pH 4.3 were best fit using both Mn shells, suggesting that multiple surface
complexes were present. However, the synthetic δ-MnO2 sample at pH 9.0 required
only a negligible contribution from a Mn neighbor at 3.3-3.4 Å, indicating little edge
sharing bidentate complexation. In addition, the spectrum of synthetic δ-MnO2 at pH
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Table 4.1. U EXAFS spectra fitting parameters.
E0 (eV)e

R-factorf

χv2

0.0010(4)
0.002
0.002
0.004
0.005
0.005

10(2)

0.010

18.9

1.79(1)
2.30(4)
2.47(5)
2.92(4)
3.41(5)
4.25(7)

0.0009(5)
0.003
0.003
0.004
0.005
0.005

10(3)

0.009

53.5

2.0
3.7(4)
3.0(5)
0.4(3)
0.4(5)

1.78(1)
2.30(3)
2.47(4)
3.36(5)
4.20(9)

0.0012(5)
0.003
0.003
0.005
0.005

11(2)

0.014

58.1

U-Oax
U-Oeq1
U-Oeq2
U-Mn1

2.0
3.6(4)
3.8(5)
0.3(3)

1.770(9)
2.31(3)
2.47(3)
3.34(8)

0.0007(5)
0.002
0.002
0.005

11(2)

0.022

43.1

U-Oax
U-Oeq1
U-Oeq2
U-Mn1
U-Mn2

2.0
3.5(4)
2.6(4)
0.1(2)
0.6(5)

1.790(9)
2.30(2)
2.48(3)
3.3(1)
4.27(6)

0.0012(4)
0.003
0.003
0.005
0.005

11(2)

0.014

108.7

Samplea

Path

Nb

R (Å)c

2

(a)
bio-MnO2
pH 8.2
5 mM DIC

U-Oax
U-Oeq1
U-Oeq2
U-C
U-Mn1
U-Mn2

2.0
3.5(3)g
4.1(4)
1.8(9)
0.5(3)
1.4(5)

1.79(1)
2.29(2)
2.46(2)
2.92(3)
3.45(3)
4.32(3)

(b)
δ-MnO2
pH 8.4
5 mM DIC

U-Oax
U-Oeq1
U-Oeq2
U-C
U-Mn1
U-Mn2

2.0
4.0(5)
2.9(4)
1.8(8)
0.4(3)
0.5(5)

(c)
bio-MnO2
pH 4.3
0 mM DIC

U-Oax
U-Oeq1
U-Oeq2
U-Mn1
U-Mn2

(d)
δ-MnO2
pH 4.2
0 mM DIC
(e)
δ-MnO2
pH 9.0
0 mM DIC

(Å2)d

f

Solid concentration was 0.1 g/L. Total U(VI) = 50 μM. Ionic strength = 0.01 M.
Coordination number
c
Interatomic distance.
d
Debye-Waller factor.
e
Difference in the threshold Fermi level between the data and theory.
f
Goodness-of-fit parameters.
g
The estimated standard deviations are listed in parentheses, representing the
uncertainty in the last digit. Parameters with no listed uncertainties were not varied in
the analyses.
a

b

4.2 could not be modeled to include a Mn neighbor at 4.0-4.4 Å, indicating that an
edge-sharing bidentate surface complex was dominant at this pH and that bridging
bidentate or monodentate surface complexes were in low abundance. The samples
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collected under alkaline conditions in the presence of DIC required a C neighbor at
~2.9 Å in order to reproduce the data, suggesting the presence of a uranyl-carbonato
ternary complex. There were otherwise no clear systematic trends in U coordination.

4.3.4 Surface complexation modeling
The surface complexation model successfully simulated the adsorption edge and
isotherm data for U(VI) adsorption to synthetic δ-MnO2 over a wide range of pH,
DIC and total U(VI) concentrations (Figures 4.1 and 4.3). The surface complexation
model was developed to be consistent with the molecular-scale structure of the
surface complexes determined from the EXAFS analysis. The model predicted that
the edge-sharing bidentate surface complex was dominant at low pH and that a
monodentate surface complex dominated at high pH (Figure S4.5(a) of the
Supporting Information), which is in agreement with the shell-by-shell fitting results
for the corresponding samples in EXAFS analysis. The EXAFS U-Mn distances
indicated that at high pH the surface coordination of U(VI) may be either
monodentate or bridging bidentate; a monodentate coordination was used in the
surface complexation model because of its ability to fit both the pH dependence of
adsorption and the total surface loadings. Also consistent with the EXAFS analysis
was the inclusion of a ternary uranyl-carbonato surface complex in the model to
predict U(VI) adsorption at alkaline pH in the presence of carbonate (Figure S4.5(b)
of the Supporting Information). If the ternary surface complex was not included, the
model did a very poor job of simulating the adsorption edge data with DIC present
(Figure S4.6(a) of the Supporting Information).
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Table 4.2. Surface reactions and equilibrium constants used in the model
calculations.
Log K0a

Surface complexation reactions

Log Kθ b

δ-MnO2 (0.1 g/L, [≡MnOH]total=1.0×10-4 M, A= 188 m2/g, N = 3.2 sites/nm2)
0.6
≡MnOH + H+ ⇌ ≡MnOH2+
−
+
−2.6
≡MnOH ⇌ ≡MnO + H
−6.78
≡MnOH + UO22+ + 2H2O ⇌ ≡MnOUO2(OH)2− + 3H+
3.17
2≡MnOH + UO22+ ⇌ (≡MnO)2UO2 + 2H+
2+
2−
4−
+
29.65
2≡MnOH + UO2 + 2CO3 ⇌ (≡MnO)2UO2(CO3)2 + 2H

1.37
−1.82
−6.00
5.73
32.21

Bio-MnO2 (0.1 g/L, [≡MnOH]total=5.85×10-5 M, A= 110 m2/g, N =3.2 sites/nm2)
1.63
2.18
≡MnOH + H+ ⇌ ≡MnOH2+
−
+
−2.37
−1.82
≡MnOH ⇌ ≡MnO + H
−8.26
−7.71
≡MnOH + UO22+ + 2H2O ⇌ ≡MnOUO2(OH)2− + 3H+
2+
+
2.81
4.90
2≡MnOH + UO2 ⇌ (≡MnO)2UO2 + 2H
2+
2−
4−
+
29.59
31.68
2≡MnOH + UO2 + 2CO3 ⇌ (≡MnO)2UO2(CO3)2 + 2H
a
Molar concentration based equilibrium constants, as input in MINEQL
b
Intrinsic equilibrium constants calculated based on the correction established by
Sverjensky(Sverjensky, 2003). Note that the molar concentration based equilibrium
constants as input in MINEQL is dependent on solid concentration as in Eq. 2 for
bidentate surface complexation reactions.

The same SCM framework was then applied to simulate the adsorption edges
for biogenic MnO2. The SCM for biogenic MnO2 was first implemented using the
intrinsic equilibrium constants (Kθ) obtained for δ-MnO2 (i.e., only total site
concentration and specific surface area were modified as shown in Table 4.2). With
these constants, the model always overestimated U(VI) adsorption, indicating that
biogenic MnO2 had a smaller thermodynamic driving force than synthetic δ-MnO2
for U(VI) adsorption. The two equilibrium constants for monodentate and bidentate
surface complexation of U(VI) were then optimized by fitting the biogenic MnO2
adsorption data to the model (Figure 4.2). The present model for biogenic MnO2
could reproduce the adsorption data at the low total U(VI) but could not completely
fit the data at the high total U(VI). The model underestimated adsorption at low pH
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because it did not include sufficient surface sites for U(VI) adsorption in a bidentate
coordination. Further optimization of the model could be done by slightly modifying
the site density for biogenic MnO2 or adding an additional monodentate complex that
would be significant at lower pH. However, the present models kept the identical site
density and reaction stoichiometries to enable a direct comparison of the two
materials in a unified framework. The equilibrium constant for the ternary surface
complex was obtained by fitting the adsorption isotherm obtained in the presence of
carbonate (Figure 4.3). Inclusion of the ternary surface complex was also required to
fit the adsorption data with DIC present (Figure S4.6(b)). Representative speciation
and partitioning information of U(VI) calculated by the models is shown in Figure
S4.5 of the Supporting Information.

4.3.5 Comparison of U(VI) adsorption to δ-MnO2 and biogenic
MnO2
The adsorption edges and isotherms obtained in the present study consistently
indicate that both Mn oxides studied are strong adsorbents with relevance to
subsurface environments. The adsorption edges for δ-MnO2 and biogenic MnO2 both
occurred below pH 3.5. The independence of U(VI) adsorption on ionic strength
suggests that the adsorption at the low pH is due to surface complexation rather than
cation exchange. In a number of studies on U(VI) adsorption to iron oxides and
aquifer sediments performed at comparable or even higher sorbent-to-sorbate ratios,
the adsorption was negligible at this low pH and the adsorption extent did not show a
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distinct increase until pH 4-6 (Barnett et al., 2002; Jang et al., 2007; Dong et al.,
2012). The difference in sorption affinity for U(VI) between δ-MnO2 and biogenic
MnO2 is small in comparison to the difference between MnO2 and other geologic
sorbents. While MnO2 may only be a minor constituent of sediments on a mass basis,
it can exert significant influence on overall U(VI) sorption to a sediment.
The slightly greater sorption affinity for U(VI) to δ-MnO2 than to biogenic MnO2
was not associated with any clear differences in the coordination environment of
adsorbed U(VI) (Table 4.1). The adsorption mechanisms of U(VI) are very similar
for the two MnO2 materials. This is expected because of the similarity of the local
Mn coordination environment in δ-MnO2 and biogenic MnO2(Villalobos et al., 2003) and is
consistent with the findings from an EXAFS spectroscopic study of the mechanisms
of Pb(II) adsorption to MnO2 (Villalobos et al., 2005a).
The minor difference in U(VI) adsorption affinity to synthetic δ-MnO2 and
biogenic MnO2 might be associated with different levels of Mn(III) contents and
cation vacancy sites that may affect U(VI) binding at the dominant adsorption sites.
Among various birnessite-type minerals, synthetic δ-MnO2 (vernadite) generally has
the largest surface area, exhibits no Mn(III) substitution, and has the most cation
vacancies (Villalobos et al., 2005b). Although structurally analogous, biogenic MnO2
may be formed with slightly less cationic vacancies than synthetic δ-MnO2 and with
correspondingly more Mn(III) substitution. Previous characterization of the two
types of Mn oxides showed that the average oxidation state of Mn in synthetic δMnO2 is very close to 4.0 (Villalobos et al., 2003), but it was between 3.7 and 4.0 for
biogenic MnO2 produced by Bacillus sp. spores (the same material used in this study)
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(Bargar et al., 2005; Webb et al., 2005c). Several recent studies that combined
adsorption experiments and solid characterization found that the average Mn
oxidation state in birnessite-group minerals was positively correlated with their
adsorption affinity of heavy metals (Zhao et al., 2009; Zhao et al., 2011; Wang et al.,
2012b).

4.4 Environmental Implications
The results of the present study show that the mobility of U(VI) in groundwater
can be retarded by Mn oxides via strong adsorption. The importance of adsorption of
U(VI) to Mn oxides can be far greater than their relative abundance in sediments.
Developing a model for U(VI) adsorption to MnO2 that is consistent with the
structural information of the surface complexes is valuable for predicting U(VI)
migration in contaminated aquifers and changes in U(VI) mobility in response to
changes in aquifer geochemistry. Using the component additivity approach (Davis et
al., 1998), the surface complexation model for U(VI) adsorption to MnO2 can be
integrated into reactive transport models for complex mineral assemblages.
Mn oxides have been recognized to be unfavorable for uranium remediation
strategies that involve U(VI) reduction because they can re-oxidize solid-phase U(IV)
products to soluble U(VI) (Fredrickson et al., 2002a; Liu et al., 2002). The biological
cycling of Mn may jeopardize the stability of U(IV) products even at low
concentrations of Mn(II) and dissolved oxygen (Chinni et al., 2008). However, the
U(VI) produced by oxidation by MnO2 may not be readily released into aqueous
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phase, and the dissolved U concentration could be primarily governed by adsorption
equilibrium rather than by the kinetics of the redox reaction between Mn(IV) and
U(IV) (Wang et al., 2013c).
Mn(II) oxidation and in situ formation of Mn oxides may serve as a potential
remediation strategy for uranium-contaminated groundwater (Hennebel et al., 2009).
Engineered as reactive barriers or reactive zones, injecting oxic Mn(II) solution
could stimulate the activity of indigenous Mn-oxidizing bacteria and promote in-situ
production of biogenic MnO2. In addition, active Mn oxidation can incorporate U(VI)
within the mineral lattice structure, leading to a more stable sequestration than
surface adsorption (Webb et al., 2006). These reactions may enable alternatives to
bioremediation for some groundwaters at alkaline pH that are rich in calcium and
inorganic carbon, since such conditions are not favorable for bioremediation with
biostimulation using organic carbon electron donors (Brooks et al., 2003; Wan et al.,
2005).
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Chapter 4 Supporting Information
Additional information (including 1 table, 7 figures and extended discussion on
the surface complexation models) is available free of charge via the Internet at
http://pubs.acs.org.

Table S4.1. Aqueous speciation reactions considered in the surface
complexation models.
Reaction
Uranyl hydroxyl complexes
UO22+ + H2O ⇌ UO2OH+ + H+
UO22+ + 2H2O ⇌ UO2(OH)2(aq) + 2H+
UO22+ + 3H2O ⇌ UO2(OH)3− + 3H+
UO22+ + 4H2O ⇌ UO2(OH)42− + 4H+
2UO22+ + H2O ⇌ (UO2)2(OH)3+ + H+
2UO22+ + 2H2O ⇌ (UO2)2(OH)22+ + 2H+
3UO22+ + 4H2O ⇌ (UO2)3(OH)42+ + 4H+
3UO22+ + 5H2O ⇌ (UO2)3(OH)5+ + 5H+
3UO22+ + 7H2O ⇌ (UO2)3(OH)7− + 7H+
4UO22+ + 7H2O ⇌ (UO2)4(OH)7+ + 7H+
Uranyl carbonate (hydroxyl) complexes
UO22+ + CO32− ⇌ UO2CO3(aq)
UO22+ + 2CO32− ⇌ UO2(CO3)22−
UO22+ + 3CO32− ⇌ UO2(CO3)34−
3UO22+ + 6CO32− ⇌ (UO2)3(CO3)66−
2UO22+ + CO32− + 3H2O ⇌ (UO2)2(OH)3CO3− + 3H+
3UO22+ + CO32− + 3H2O ⇌ (UO2)3(OH)3CO3+ + 3H+
11UO22+ + 6CO32− + 12H2O ⇌ (UO2)11(OH)12(CO3)62− + 12H+
Auxiliary reactions
CO32− + 2H+ ⇌ H2CO3*
CO32− + H+ ⇌ HCO3−
CO2(g) + H2O ⇌ H2CO3*
H2O ⇌ OH− + H+
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Log Ka
−5.25
−12.15
−20.25
−32.40
−2.70
−5.62
−11.90
−15.55
−32.20
−21.90
9.94
16.61
21.84
54.00
−0.858
0.652
36.412
16.681
10.329
1.48
−13.997

a

The equilibrium constants of uranium complexes were based on a thermodynamic database
published by Nuclear Energy Agency (Guillaumont et al., 2003). The constants for auxiliary
reactions were from the database of MINEQL+ version 4.6 (Schecher and McAvoy, 2007).
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Figure S4.1. X-ray diffraction patterns of synthetic δ-MnO2 and biogenic MnO2 used in this
study.
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Figure S4.2. U(VI) adsorption to 0.1 g/L synthetic δ-MnO2 at a total U(VI) concentration of
50 µM at different ionic strengths. Data are shown as symbols and SCM simulations as solid
lines. Increasing the ionic strength by a factor of 10, which made the Na concentration 2000
times higher than the total U(VI) but had no significant effect on adsorption at low pH. The
minor difference of adsorption at two ionic strengths could be accounted for in the SCM
without inclusion of fixed-charge cation exchange sites.
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Figure S4.3. The measured dissolved U concentrations after equilibration with synthetic δMnO2 at different DIC concentrations (shown as symbols) and the calculated dissolved U
concentrations in equilibrium with schoepite (shown as lines) at a total U(VI) concentration
of 50 μM. An ionic strength was 0.01 M as provided by NaNO3. The solid symbols indicate
the samples for EXAFS characterization.
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Figure S4.4. Zeta potential of δ-MnO2 (0.1 g/L) equilibrated with and without 50 µM total
U(VI) at different pH values in the presence and absence of 1 mM dissolved inorganic
carbon (DIC). An ionic strength of 0.01 M was provided by NaNO3. Error bars indicate the
standard deviations from triplicate measurements.
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Figure S4.5. Model predicted speciation of U(VI) in equilibrium with MnO2 as a function of
pH. The simulations are performed for (a) 0.1 g/L δ-MnO2 at 50 μM total U(VI) in the
absence of DIC, (b) 0.1 g/L δ-MnO2 at 50 μM total U(VI) and 1 mM DIC, (c) 0.1 g/L
biogenic MnO2 at 25 μM total U(VI) in the absence of DIC and (d) 0.1 g/L biogenic MnO2 at
25 μM total U(VI) and 1 mM DIC. The ionic strength was 0.01 M in all simulations. The
predicted species are number-coded. (1) ≡MnOUO2(OH)2−, (2): (≡MnO)2UO2, (3):
(≡MnO)2UO2(CO3)24−, (4): total adsorbed U(VI), (5): UO22+, (6): UO2(CO3)34−, (7)
UO₂(OH)₃⁻.
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Procedure for Developing and Optimizing Surface Complexation
Models
For synthetic δ-MnO2
(1) Initial estimate of the site density based on maximum adsorption capacity from
isotherm results
An initial estimation of the site density of δ-MnO2 was selected as 3.6 sites/nm2,
assuming that only bidentate surface complexes were formed at the condition of the
isotherm experiments (pH 7.5 and 1 mM DIC). EXAFS fitting did indicate a mixture
of monodentate and bidentate coordination, so alternative model optimization could
be performed at a lower site density (Step 7 below).
(2) Estimation of the equilibrium constants for surface acid-base reactions
The measured pHpzc (pH 1.6) from zeta potential analysis provided a constraint
for the midpoint of the pKa values for surface protonation and deprotonation
reactions. An acid-base titration of the MnO2 suspension (from pH 1 to 10) was
performed to provide additional information on the two pKa values. However, due to
the very low pHpzc, the titration curve was not significantly influenced by the
protonation-deprotonation reactions on MnO2 surfaces. In other words, the simulated
titration curve was insensitive to the selection of the two pKa values. We selected pKa
= 2.6 for the deprotonation reaction with ΔpKa = 2.0, which was within the range for
Mn oxides in the literature. (After the whole model was formulated, it was verified
that the model was insensitive to the variation of ΔpKa, and therefore the initial
estimation was retained in the final model.)
(3) Constrain the denticity of the surface complexation reactions for U(VI)
adsorption in the absence of dissolved inorganic carbon (two sorption edges in
Figure 4.1).
The shell-by-shell fitting results from EXAFS analysis indicated that U(VI) was
adsorbed as inner sphere surface complexes with both monodentate and bidentate
coordination. The two simplest surface complexes, ≡MnOUO2+ (monodentate) and
(≡MnO)2UO2 (bidentate) were initially tested to fit the experimental data. Multiple
forward calculations of the model in MINEQL+ were performed to test whether
combinations of these two surface reactions could fit the data and keep the
consistency with the EXAFS determined different coordination environments at
different pH (i.e., bidentate species dominant at acid pH and monodentate dominant
at alkaline pH with a mixture of the two at circumneutral pH). Although using
≡MnOUO2+ (monodentate) and (≡MnO)2UO2 (bidentate) surface complexes could
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satisfactorily simulate the sorption edge data, ≡MnOUO2+ only occurred at low pH,
which is inconsistent with EXAFS results.
Note that MINEQL+ calculates mass action equations using molarconcentration-based activity for surface species and sets the exponent of ≡MnOH
equal to two for bidentate surface complexation reactions.
(4) Refine the stoichiometry of the surface complexation reactions to improve the
consistency with EXAFS results.
The pH-dependence of the monodentate surface complex was adjusted by
modifying the stoichiometry of protons in the reactions. An anionic species
≡MnOUO2(OH)2− was found to become significant at higher pH to maintain
consistency with the EXAFS findings.
(5) Optimization of the two Log Ks of ≡MnOUO2(OH)2− and (≡MnO)2UO2
The data of two adsorption edges in Figure 4.1 (in the absence of DIC) were used
to obtain the optimized Log Ks for the two surface complexes. Two surface
complexes were expected to co-exist and both contribute to U(VI) adsorption over a
wide range of pH. Therefore, multiple forward calculations of the model MINEQL+
were performed with a matrix of different combinations of the two Log K values to
find the set of constants that yielded the minimum sum of squares of the residuals
between experimental and calculated results from the two adsorption edges. More
than 60 combinations ranging within ± 2.0 of the optimal log Ks were evaluated with
refinement of the increment of the Log K values as an optimal combination was
approached. The calculations of sum of squares of the residuals were conducted
externally using a spreadsheet. For all optimizations in this study, all experimental
data sets were considered equally without specific weighting. Illustration of the
model sensitivity to the two Log Ks for the non-carbonate surface reactions is
presented in Figure S4.7.
(6) Inclusion and optimization of the U(VI)-CO3 ternary surface complexation
reaction
The model that only used the two surface complexation reactions identified
above significantly underestimated U(VI) adsorption in the presence of dissolved
inorganic carbon (DIC) (Figure S4.6(a)). As was also suggested by EXAFS, the
U(VI)-CO3 ternary surface complex appeared to be an important reaction for
inclusion in the model. A ternary surface complex (≡MnO)2UO2(CO3)24−, with a
carbon coordination number consistent with EXAFS fitting, was added to the model
while retaining the log K values for the two binary surface complexes determined in
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the previous step. Multiple forward calculations with discretely varied Log K values
for (≡MnO)2UO2(CO3)24− were performed to obtain the constant that yielded the
minimum sum of squares of the residuals between experimental and calculated
results from the four adsorption edges in Figure 4.1 for conditions with DIC present
(two U(VI) loadings at 1 and 5 mM DIC).

(7) Refinement of site density from fitting adsorption isotherm
The model was then implemented to simulate the adsorption isotherm shown in
Figure 4.3. Because at pH 7.5 and 1 mM DIC, surface speciation of adsorbed U(VI)
was consistently predicted as a mixture of monodentate and bidentate surface
complexes, the site density of 3.6 sites/nm2 significantly overestimated the
adsorption capacity. Slightly decreasing the site density (3.2 sites/nm2) provided a
better fit of the adsorption isotherm. Multiple forward calculations indicated that the
selection of site density strongly affected the plateau level of adsorption isotherm but
did have a large effect on the isotherm’s initial slope as well as the adsorption edges.
(8) Sensitivity tests and finalizing the model for synthetic δ-MnO2
After modifying the site density, Steps 5 and 6 were repeated to update the log K
values for ≡MnOUO2(OH)2−, (≡MnO)2UO2 and (≡MnO)2UO2(CO3)24−. Model
sensitivity to the individual Log Ks was tested (illustrated in Figure S4.7). The
position of the adsorption edge at low pH was sensitive to the log K for (≡MnO)2UO2.
Since the experiment data at alkaline pH without DIC present (where
≡MnOUO2(OH)2− dominated) always approached complete adsorption without a
well-resolved desorption feature (Figure 4.1), the overall goodness of fit was not
sensitive to the log K for ≡MnOUO2(OH)2− as long as the log K was larger than −7.3.
However, too large of a value of log K for ≡MnOUO2(OH)2− (> −6.5) induced a high
fraction of the monodentate surface complex and significantly overestimated the
plateau level of the adsorption isotherm (Figure 4.3). A range of the log K for
≡MnOUO2(OH)2− between −7.3 and −6.5 could yield almost equally good fits. A log
K value of –6.78 was finally selected for ≡MnOUO2(OH)2−. Step 6 was repeated to
finalize the log K for (≡MnO)2UO2(CO3)24−. The molar-based equilibrium constants
(K0) as input to MINEQL+ were converted to intrinsic constants (Kθ) independent of
site density and specific surface area, following the approach proposed by
Sverjensky.(Sverjensky, 2003) Note that the molar-based equilibrium constants are
reciprocally proportional to the concentration of sorbent.
For Biogenic MnO2
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(1) Transplanting the model framework for synthetic δ-MnO2
Given the evidence that both synthetic δ-MnO2 and biogenic MnO2 have similar
mechanisms for U(VI) adsorption, the same three surface complexes and site density
(3.2 sites/nm2) were included in the model for biogenic MnO2.
(2) Selection of the equilibrium constants for surface acid-base reactions
The measured pHpzc (pH 2.0) of biogenic MnO2 was constrained to be midpoint
of the two pKa values. Given that ≡MnOH2+ was negligible over the whole range of
experimental conditions studied, we selected the intrinsic Log Kθ (−1.82) of ≡MnO−
for biogenic MnO2 equal to that for synthetic δ-MnO2. For the same reasons
described for synthetic δ-MnO2, the selection of this value was somewhat arbitrary;
however, later model implementations verified that the simulated results were
insensitive to the selection of this constant.
(3) Optimization of the two Log Ks for ≡MnOUO2(OH)2− and (≡MnO)2UO2
The data of two adsorption edges in Figure 4.2 were used to obtain the optimized
Log K values for the two surface complexes, following the same approach described
in Step 5 for the synthetic δ-MnO2 model. Smaller equilibrium constants were
needed to fit the experimental data. The model underestimated the adsorption at pH 4
to 6 with a total U(VI) concentration of 50 µmol/L. The reason for this unsatisfactory
fit is described in the main text of the article.
(4) Inclusion and optimization of the U(VI)-CO3 ternary surface complexation
reaction
The model using two surface complexation reactions above could fit the two
DIC-free adsorption edges (Figure 4.2), but it significantly underestimated the
adsorption density as a function of equilibrium dissolved U(VI) (Figure S4.6 (b)).
The same ternary surface complex (≡MnO)2UO2(CO3)24− was included to fit the
adsorption isotherm data and the optimized equilibrium constant was found by
multiple forward calculations. The Log K value of (≡MnO)2UO2(CO3)24− for
biogenic MnO2 was not significantly different from the one for synthetic δ-MnO2.
(5) Sensitivity tests and finalizing the model for biogenic MnO2
Sensitivity tests indicated that the position of adsorption edge at low pH was
sensitive to the log K for (≡MnO)2UO2, and that the simulated desorption above pH 8
was sensitive to the log K for ≡MnOUO2(OH)2− (illustrated in Figure S4.7). No
additional optimizations of the model parameters were conducted. The molar-based
equilibrium constants as input to MINEQL+ were converted to the intrinsic constants
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accounting for the site density and specific surface area, following the approach by
Sverjensky (Sverjensky, 2003).
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Figure S4.6. Illustration of the need to include a ternary surface complex in the surface
complexation model. Experimental data and model simulations are shown as symbols and
lines, respectively. The models shown here do not consider the ternary U(VI)-CO3 surface
complex and significantly underestimate adsorption at alkaline pH in the presence of DIC for
both δ-MnO2 and biogenic MnO2. Panel a: U(VI) adsorption to 0.1 g/L synthetic δ-MnO2 at a
total U(VI) concentration of 2 µM and different dissolved inorganic carbon (DIC)
concentrations. Panel b: adsorption isotherm for 0.1 g/L biogenic MnO2 at pH 7.5 in the
presence of 1 mM DIC.
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Figure S4.7. Illustration of the model sensitivity to the two Log Ks for the non-carbonate
surface reactions. Experimental data and model simulation were shown as symbols and lines,
respectively. The experiments and simulations were U(VI) adsorption to 0.1 g/L synthetic δMnO2 (Panels a, b) or biogenic MnO2 (Panels c, d) at a total U(VI) concentration of 2 µM in
the absence of DIC. In addition to the simulations reported in Table 4.2 in the article (solid
black lines, + 0), multiple simulations with increased or decreased Log Ks for the bidentate
surface complexation reaction (Panels a, c) and the monodentate surface complexation
reaction (Panels b, d) are shown.
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Chapter 5. Mass Action Expressions for
Bidentate Adsorption in Surface
Complexation Modeling: Theory and
Practice
Results of this chapter have been published in Environmental Science & Technology,
2013, 47(9): 3982-3996.
The paper was selected as a research highlight by the Office of Biological and
Environmental Research of the U.S. Department of Energy Office of Science.

Abstract
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The inclusion of multidentate adsorption reactions has improved the ability of
surface complexation models (SCM) to predict adsorption to mineral surfaces, but
variation in the mass action expression for these reactions has caused persistent
ambiguity and occasional mishandling. The principal differences are the exponent (α)
for the activity of available surface sites and the inclusion of surface site activity on a
molar concentration versus fraction basis. Exemplified by bidentate surface
complexation, setting α at two within the molar-based framework will cause critical
errors in developing a self-consistent model. Despite the publication of several
theoretical discussions regarding appropriate approaches, mishandling and confusion
has persisted in the model applications involving multidentate surface complexes.
This review synthesizes the theory of modeling multidentate surface complexes in a
style designed to enable improvements in SCM practice. The implications of
selecting an approach for multidentate SCM is illustrated with a previously published
dataset on U(VI) adsorption to goethite. To improve the translation of theory into
improved practice, the review concludes with suggestions for handling multidentate
reactions and publishing results that can avoid ambiguity or confusion. Although
most discussion is exemplified by the generic bidentate case, the general issues
discussed are relevant to higher denticity adsorption.

5.1 Introduction
Adsorption affects the fate, transport and bioavailability of contaminants and
nutrients in both natural and engineered aquatic systems. Over the past forty years
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surface complexation modeling (SCM) has emerged as a powerful tool for describing
adsorption processes at solid-water interfaces (Schindler and Gamsjager, 1972;
Stumm et al., 1976; Davis and Kent, 1990a; Dzombak and Morel, 1990; Hiemstra
and Van Riemsdijk, 1996). In contrast to the constant-Kd, Langmuir and Freundlich
models, SCMs have enabled predictions of the impact of solution chemistry (e.g., pH
and ionic strength) on the binding of inorganic aqueous solutes to solid surfaces with
a single set of model parameters (Koretsky, 2000; Brezonik and Arnold, 2012).
SCMs calculate adsorption equilibrium through mole balance and mass action
equations. Coulombic correction factors that involve calculations of the surface
charge and potential are included to account for the contribution of electrostatic
interactions to the overall energetics of adsorption of sorbate molecules to surfaces.
SCMs have been incorporated in widely-used chemical equilibrium software
programs (Herbelin and Westall, 1999; Parkhurst and Appelo, 1999; Keizer and Van
Riemsdijk, 2002; Schecher and McAvoy, 2007; Gustafsson, 2011) and reactive
transport models (Kohler et al., 1996; Kent et al., 2000; Davis et al., 2004; Miller et
al., 2010). The information of surface speciation simulated by SCMs has also been
used in developing kinetic models for various chemical processes at solid-water
interfaces (Carroll-Webb and Walther, 1988; Liger et al., 1999; Wang et al., 2013a).
The determination of the stoichiometry and mass action equations of surface
complexation reactions is an essential step in model formulation (Davis et al., 1998).
With the developments of density functional theory (DFT) calculation and
spectroscopic techniques, particularly extended X-ray absorption fine structure
(EXAFS), molecular-scale evidence for multidentate surface complexes has been
119

Figure 5.1. Upper panel: The growth of the SCM literature and the increasing interest in
multidentate surface complexation over the last three decades. Lower panel: a timeline of
the key references that involved or addressed the issue of the mass action law for
multidentate surface complexation reactions. The literature survey was performed using
Google Scholar as of March 2013. Searching criteria were set with the keyword “surface
complexation model” for the entire SCM literature. Additional keywords of bidentate OR
tridentate OR multidentate were then used to identify the subset of references on this
subject. In this literature survey, not all publications returned by the search engine actually
implemented multidentate surface complexation models; some may have just discussed the
issue while implementing monodentate surface complexation. Regardless of the extent of
implementation, the survey illustrates increasing attention and interest in the coordination
denticity of surface complexes in adsorption modeling.

observed for a wide range of adsorbates (e.g., heavy metals and metalloids) and
adsorbents (e.g., metal oxides and clays) (Hayes et al., 1987; Chisholm-Brause et al.,
1990; Bargar et al., 1997; Fendorf et al., 1997; Zhang et al., 2004; Zhang et al.,
2006). The spectroscopically determined structures of surface complexes are useful
constraints in developing predictive SCMs for adsorption processes (Hayes and Katz,
1996; Davis et al., 1998; Chen et al., 2006). Consequently, multidentate surface
complexation reactions are increasingly important in the still-growing SCM literature
(Figure 5.1).
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Multidentate surface complexes form through binding of an adsorbate to two or
more adjacent functional groups. While the molecular-scale structure of surface
complexes can be complicated depending on the mineral surfaces involved (Brown
et al., 1998; Sposito et al., 1999; Benjamin, 2002b), pragmatic practices of surface
complexation modeling treat the surface as a collection of equivalent functional
groups or divide them into a small number of groups (i.e., strong and weak sites or
based on structures of specific crystal faces (Dzombak and Morel, 1990; Hiemstra
and Van Riemsdijk, 1996)). As bidentate binding is the most common scenario, this
review focuses on bidentate surface complexation, although the issues discussed are
also relevant to tridentate and higher denticity adsorption. A generic representation
of bidentate surface complexation is
≡S2 + B ⇌ ≡S2B
KB 

(1)

{ S2 B}
{ S2 }{B}

(2)

Eq. 2 is the mass action expression, which relates the equilibrium constant (KB)
to the activities (denoted by curly brackets) of free sorbate molecules (B),
unoccupied bidentate surface sites (≡S2) and bidentate surface complexes (≡S2B).
Each bidentately adsorbed molecule occupies two surface sites (≡S), so the mole
balance on surface sites in terms of molar (mol/L) concentration (denoted by square
brackets) is given as Eq. 3. The mole balance on sorbate B is given as Eq. 4.
[≡S] +2[≡S2B] = [≡S]tot

(3)

[B] + [≡S2B] = [B]tot

(4)
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Unoccupied sites are usually treated as having pH-dependent protonation states
(e.g., ≡SOH, ≡SOH2+, and ≡SO-), but for the purposes of a focused examination of
the mass action expression, surface site protonation states are not considered here.
Bidentate complexes could also involve one sorbate molecule reacting with two sites
of different types, which are often invoked in more advanced surface complexation
models (Venema et al., 1996b). These particular scenarios are not specifically
discussed here, where we consider the simplest case of only one type of surface site,
but the present analysis has general applicability for bidentate surface complexation.
Even if the concentration of monodentate sites ≡S is known, which is a challenge in
itself, the concentration of ≡S2 cannot be readily quantified because it involves
combinations of two specific ≡S sites. Therefore the adsorption reaction and mass
action expression are generally written as (Schindler et al., 1976):
2≡S + B ⇌ ≡S2B
K

(5)

{ S2 B}
{ S} {B}

(6)

As discussed in detail later, the value of α is determined by the specific
assumption for relating the amounts of ≡S2 and ≡S.
Solving Eqs. 2-4 to determine equilibrium speciation requires (1) a definition of
standard states for relating the activities of surface species to their concentrations and
(2) a numerical relation between the amounts of available monodentate sites and
bidentate sites. Different treatments of these two issues have led to different and
sometimes confusing formulations of multidentate surface complexation models
(Table 5.1). Although there have been several insightful theoretical discussions on
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Table 5.1. Summary of mass action expressions reviewed. For simplicity of
presentation, conditions of unity activity coefficient and non-electrostatic
interaction are assumed.
Approach

Numerical
scale of
activity

Model 1

Molarity or
Molality

K1 

Model 2

Molarity or
Molality

K2 

Model 3

Mole fraction

Model 3

Coverage
fraction

Mass Action Equation a
(for n-dentate)

K3 

[ Sn B]
[ S]n [B]

n[ Sn B] / [ S]tot
K3, 
([ S] / [ S]tot )n [B]

Model 3c

K 

QCA Model d

Mole fraction

KQCA 

q1 

4[B]K1[ S]tot  8[B]K1[ S]tot  1  1
8[B]K1[ S]tot

[ Sn B]
[ S][B]

[ Sn B] / [ S]tot
([ S] / [ S]tot )n [B]

Mole fraction
referenced to
a fixed
hypothetical
N* and A*

Adsorption isotherm b
(for bidentate n = 2)

[ Sn B] ( NA) n1
Cs
[ S]n [B] N * A*
n

[ Sn B] / [ S]tot
([ S] / [ S]tot ) [B]

q2 

[B]K 2
2[B]K 2  1

4[B]K3  8[B]K3  1  1

q3 

8[B]K3

q3, 

2[B]K3,  4[B]K3,  1  1
4[B]K ,
3

Equivalent to q3 and expressed with
equilibrium constant Kθ that is
independent of N and A.
qQCA 

4[B]K QCA  4[B]KQCA  1  1
2(4[B]K QCA  1)

a

[ ] indicates concentrations in mol/L of solution. ≡S indicates the monodentate site. B is the
adsorbate molecule. ≡SnB is a generic form of n-dentate surface complex of adsorbed B.
[≡S]tot is the total concentration of monodentate sites determined by the sorbent concentration,
site density and specific surface area.
b
The adsorption isotherm is expressed in a form of sorption density q = [≡S2B]/[≡S]tot as a
function of the free (i.e., dissolved) concentration of B at equilibrium. Isotherms for n > 2
have much longer formulas and are not presented here. Figure 2(c,d) generated from the
example model illustrate the different trends of the isotherms.
c
The equation shown here is not strictly the mass action equation, but the final form of
analytical relationship between the 1.0 mol/L and the new standard states (see derivations in
Sverjensky 2003). N and A are site density and specific surface area of the sorbent,
respectively. As originally suggested by Sverjensky, N* = 10 × 1018 sites/m2 and A* = 10 m2/g.
d
The exponent α is a function of q in a form of α = n−(n−1)log(1−q)/log(1−nq). q is constrained
to be from 0 to 1/n and thus the value of α increases with increasing surface coverage from
(n2−n+1)/n to n. For n=2, 1.5< α <2. (See Eqs. 22-25 for more details)

this issue from the perspectives of geochemists and interface scientists (Figure 5.1),
mishandling and ambiguity in multidentate adsorption modeling still persists.
Several significant publications on this subject that appeared in the geochemistry
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literature have not been widely cited in the implementation of models by the more
applied community of environmental scientist and engineers.
The objective of this critical review is to help bridge the gap between research on
the theory of adsorption reactions and research that applies surface complexation
modeling to interpret adsorption data. Review of previous theoretical investigations
delineates the evolution of our understanding of multidentate adsorption modeling. A
compilation of recent SCM publications is presented with an evaluation of the
appropriateness of their SCM presentations. The implications of selecting an
approach are then illustrated with a previously published dataset and model. Practical
suggestions for SCM practitioners to avoid the pitfalls and ambiguity of multidentate
adsorption models are provided. The summary and synthesis presented in this review
can be used to minimize future mishandling of multidentate adsorption models,
improve the clarity of presentation in future SCM publications, and conduct
modeling in a manner that allows greater inter-comparison of studies.

5.2 Multidentate Adsorption in Surface
Complexation Modeling: Theory
5.2.1 Model 1: Molarity standard states and mass action
exponent of two
Classical surface complexation models originated from the conceptual sitebinding model of adsorption equilibrium. The site-binding model treats adsorbed
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species equivalently to dissolved species and makes adjustments to account for the
fact that adsorbed species are attached to solids with electrostatic surface charge
(Benjamin, 2002b). Using the analogy between adsorbed species and aqueous
species, this approach describes the adsorbent surface as a collection of ligands. The
standard states of surface species were then defined in the same way as for truly
dissolved species, setting the standard concentration to be 1.0 mol/L and the
reference state as infinite dilution. Assuming that the solution is ideal with unity
activity coefficients, the activity of a surface species can be quantified as its molar
concentration in the overall solution, ignoring the fact that the ligands are at the solid
surface (Benjamin, 2002b). The molarity standard state was convenient because it
maintained consistent units for all aqueous and surface species (Morel and Hering,
1993) and could be directly implemented in various chemical equilibrium software
programs (Herbelin and Westall, 1999; Schecher and McAvoy, 2007). With surface
species assumed to behave analogously to aqueous molecules, with the exception of
the term to account for electrostatic interactions, bidentate surface complexes can be
modeled as dissolved complexes containing two independent ligands. The mass
action equation of Eq. 6 is written with α = 2 and values of activities are equated
with molar concentrations. For simplicity, the discussion in this section does not
include electrostatic contributions to adsorption; however, the lack of their inclusion
does not affect the general discussion and a later illustrative example does include
methods to account for electrostatic contributions. We refer to this approach as
Model 1 (Eq. 7).
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K1 

[ S2 B]
[ S]2 [B]

(7)

This approach was the one primarily used in early SCM publications (Hohl and
Stumm, 1976). It is still widely used in the more recent SCM literature (Table 5.2),
which is probably due to the ease of implementation using popular chemical
equilibrium software programs that implicitly apply this approach. For adsorption
systems with only monodentate surface complexes, the molarity-based standard state
framework works adequately, as demonstrated by the remarkable success of the selfconsistent SCM database for metal sorption to ferric oxides compiled by Dzombak
and Morel (Dzombak and Morel, 1990). However, as will be discussed later there are
problems with using this approach to model bidentate surface complexation. Further,
the presentation of the modeling approach in many publications only indicates the
reaction stoichiometry and does not explicitly indicate the form of mass action
expression used.

5.2.2 Model 2: Molarity standard states and mass action
exponent of one
In the early development of SCM, concerns were expressed regarding Model 1
(Sigg and Stumm, 1981; Sposito, 1983). The approach of Model 1 has been
criticized for its assumption that the probability of finding two sites together for
bidentate adsorption of B is proportional to the 2nd power of the unoccupied site
concentration (Morel and Hering, 1993). This assumption is valid for independent
molecules in solution, but it is not true for immobilized sites on a surface. A short
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conceptual experiment illustrates the problem with Eq. 7. For an equilibrated
adsorption batch reactor, if half of the aqueous solution is removed (e.g., after
settling and decanting the supernatant), equilibrium should not change because the
chemical conditions at the solid-liquid interface remain the same and neither the
dissolved concentration nor adsorption density are changed. However, when half of
the aqueous solution is removed the molar concentrations of ≡S and ≡S2B both
double, which mathematically disturbs the equilibrium defined by Eq. 7, driving a
decrease of [B] (i.e., enhanced sorption). Related conceptual experiments were
presented previously (Appelo and Postma, 1999; Benjamin, 2002a) to illustrate the
inherent problem with Model 1.
The derivation of an isotherm-style equation also illustrates the modeling artifact
associated with Model 1. Isotherms (e.g., Freundlich and Langmuir model) explicitly
show the dependence of adsorption density (i.e, a surface-associated concentration
that is normalized to the amount of sorbent) on dissolved adsorbate concentration (in
mol/L of solution) (Limousin et al., 2007), and isotherms are widely used in
environmental engineering and science to describe adsorption equilibrium.
Constrained by the mole balance of total sites concentration, a surface complexation
model should be able to yield an equation with analogous trends to the Langmuir
isotherm (Eq. 8) which is derived based on monodentate adsorption (e.g, ≡S + B ⇌
≡SB, with an equilibrium constant of KL).
qL 

[B]K L
[ SB]

[ S]tot [B]K L  1

(8)
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where q is the sorption density in moles of adsorbed B per mole of total sites (q
ranges from 0 to 1/n for n-dentate ≡SnB). Combining Eqs. 3 and 7, the isotherm-style
version of Model 1 yields:

q1 

[ S2 B] 4[B]K1[ S]tot  8[B]K1[ S]tot  1  1

[ S]tot
8[B]K1[ S]tot

(9)

In Eq. 9 the sorption density depends on both the dissolved sorbate concentration
and the total site concentration (i.e., sorbent concentration) and not just on the
dissolved concentration as it does in the Langmuir isotherm. The initial slopes of
isotherms indicate the adsorption affinity. Some mathematical manipulation of Eq. 9
gives
lim

[B]0

dq1
 [ S]tot K1
d [B]

(10)

showing that the initial slope of the isotherm (i.e. strength of adsorption) is predicted
by Model 1 to increase with increasing amount of sorbent. The effect of solid-tosolution ratio on adsorption equilibrium isotherms (McKinley and Jenne, 1991;
Limousin et al., 2007) have been predicted and observed, which have been attributed
to a variety of causes, including particle-particle interaction (Di Toro et al., 1986;
Pabalan et al., 1998), kinetic effects (Pan and Liss, 1998) and the presence of
multiple interactive sorbate species (Barnett et al., 2000; Zheng et al., 2003; Cheng et
al., 2006; Phillippi et al., 2007). However, the solid-to-solution effect shown in Eqs.
9-10 is a modeling artifact that is mechanistically different from the abovementioned mechanisms.
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The mass action equation can be modified to circumvent the artifact inherent in
Model 1. The underlying assumption of the modified approach is that a bidentate
surface site ≡S2 can be treated as an aqueous bidentate ligand, with each ≡S
corresponding to a functional group in the ligand (Benjamin, 2002a). The bidentate
ligand has each functional group covalently linked to a unique partner on the same
molecule, so that this assumption excludes the possibility of free combination of any
two independent ≡S. Therefore, [≡S2] is considered to be linearly proportional to [≡S]
and the mass action equation can then be written with α = 1. We refer to this
approach as Model 2 (Eq. 11).
K2 

[ S2 B]
[ S][B]

(11)

The previous conceptual experiment with removal of half of the water doubles the
concentrations of both ≡S2B and ≡S. Because the doubling factor cancels out, it does
not disturb the equilibrium defined by Eq. 11. Combining Eqs. 3 and 11, Model 2
yields the following isotherm-style equation:
q2 

[ S2 B]
[B]K 2

[ S]tot 2[B]K 2  1

(12)

in which there is no dependence of equilibrium on total site concentration. Originally
proposed by Davis and Leckie (Davis et al., 1978), this approach has been applied
and favored in a number of SCM publications, some of which are still widely cited
today (Davis and Leckie, 1978, 1980; Balistrieri and Murray, 1982; Waite et al.,
1994). In a popular textbook authored by Morel and Hering (Morel and Hering,
1993), this approach was recommended for modeling multidentate surface
complexation.
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5.2.3 Model 3: Fraction-based standard states and mass action
exponent of two
5.2.3.1 Realizing the limitation of molar standard state for
surface species
Although Model 2 avoids the artifact of Model 1 with multidentate surface
complexation being affected by the solid-to-solution ratio, concerns about the
selection of standard states with measurements of molarity (mol/L) still remained
(Davis and Kent, 1990b). A scale using moles per kilogram solid was proposed as a
more appropriate measurement for surface species (Schindler et al., 1976; Sigg and
Stumm, 1981; Sposito, 1983; Stumm and Morgan, 1996). This treatment is
equivalent to that commonly used in the equilibrium constant expressions for ion
exchange reaction in the water treatment literature; ion concentrations are quantified
on different bases for aqueous-phase and resin-phase instead of sharing the same
basis that is normalized to the total volume of solution (Geankoplis, 2003; Crittenden
et al.). In development of the charge distribution multi-site complexation (CDMUSIC) model, Hiemstra and Van Riemsdijk proposed the use of a mole fraction
concentration scale for surface species and discussed the mathematical relation
between equilibrium constants based on mole fraction and those based on molar
concentration (Hiemstra and Van Riemsdijk, 1996; Venema et al., 1996a). Here the
mole fraction is expressed as the concentration (either surface or volumetric) of a
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surface species relative to that of total sites, [≡S2B]/[≡S]tot, sometimes referred to as
the surface mole fraction. We refer to this approach as Model 3 (Eq. 13).
K3 

[ S2 B] / [ S]tot
[ S2 B]

[ S]tot =K1[ S]tot
2
([ S] / [ S]tot ) [B] [ S]2 [B]

(13)

The modification of Eq. 7 to Eq. 13 is based on substituting molar concentrations
of surface species with surface mole fractions. The last part of Eq. 13 shows that the
equilibrium constant for Model 3 (K3) is proportional to the molar-based equilibrium
constant (K1) with a factor of [≡S]tot. The mass action equation shown in Eq. 13 was
first incorporated in the computer program ECOSAT (Keizer and Van Riemsdijk,
2002). This approach was also adopted in more recent software programs (Meeussen,
2003; Gustafsson, 2011) and in the development of Stockholm Humic Model
(Gustafsson, 2001) for metal complexation with humic substances.
To illustrate how Model 3 can avoid the artifact associated with Model 1, it is
helpful to note that that K1 and [≡S]tot always co-occur as a product in the isothermstyle equation for Model 1 (Eq. 9) . If K1[≡S]tot is defined as a new intrinsic
equilibrium constant (K3) as in Eq. 13, then the dependence of q on [≡S]tot disappears
and the isotherm-style equation becomes

q3 

[ S2 B] 4[B]K3  8[B]K3  1  1

[ S]tot
8[B]K3

(14)

A variation of Eq. 13 uses site coverage fraction instead of surface mole fraction.
The site coverage fraction is the mole fraction of a given surface-site type that is
occupied and is numerically equal to 2[≡S2B]/[≡S]tot. A different mass action
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equation with an additional factor of two results from using the site coverage fraction
(Eq. 15).
2[ S2 B] / [ S]tot
2[ S2 B]
K3, 

[ S]tot =2 K1[ S]tot  2 K3
2
([ S] / [ S]tot ) [B] [ S]2 [B]

,
,
[ S2 B] 2[B]K3  4[B]K3  1  1
,
q3 

[ S]tot
4[B]K3,

(15)

(16)

This approach has been advanced and popularized by Appelo and Postma
(Appelo and Postma, 1999, 2005) through the popular PHREEQC code, which was
modified for Version 2.0 to automatically use surface coverage fractions for
adsorbed species in surface complexation modeling (Parkhurst and Appelo, 1999).
The mass action law of Eq.15 is equivalent to Eq. 13 with numerically different
equilibrium constants, so we collectively denote Eqs. 13-16 as Model 3.

5.2.3.2 Toward a more consistent thermodynamic framework
The realization of the limitation of the molarity (molality) standard state for
multidentate surface species was a valuable step towards a more consistent
thermodynamic framework. Building on this realization, theoretical investigations
presented by Kulik (Kulik, 2002a, b) showed that equilibrium constants for surface
reactions based on the 1.0 molar (or molal) standard state bear a built-in dependence
on the site density of the sorbent.
A more rigorous thermodynamic standard state framework for surface species
can facilitate the comparison of equilibrium adsorption constants for sorbents with
different site density and surface area properties. Deriving from a series of chemical
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potential equations, Sverjensky (2003) proposed more appropriate standard states for
surface species (Sverjensky, 2003). The new standard state has been referred to as
“site-occupancy”, which is related to the mole fraction scale used in Eq. 13. A formal
definition of the standard state proposed by Sverjensky is the hypothetical full
monolayer coverage (unity mole fraction) referenced to the infinite dilution for
surface complexes (i.e., sorbed species), and to the “pure surface” (unity mole
fraction) for ≡S sites, at fixed reference density (N* = 10×1018 sites/m2), specific
surface area (A* = 10 m2/g), and real sorbent concentration (Cs*=Cs in g/L) (Kulik,
2009). The analytical relationship proposed by Sverjensky between the molar-based
(K0) and sorbent-independent intrinsic equilibrium (Kθ) constants can be presented in
a generalized form for n-dentate surface complexation (Sverjensky, 2003;
Sverjensky, 2006; Kulik, 2009)
n
 (Cs NA)n 
0  ( NA) 
K  K  * * *   K  * *  Cs n1
N A 
 Cs N A 
θ

0

(17)

The reference Cs* is selected to be equal to the real Cs for a given system. For
monodentate surface complexation (n =1),
 NA 
Kθ  K0  * * 
N A 

(18)

Cs cancels out and the molar-based equilibrium constant (K0) only depends on the
product of N and A. For bidentate surface reactions, the dependence of K0 on the
solid concentration (Cs) is given by Eq. 19.

 ( NA)2 
K θ  K 0  * *  Cs
N A 

(19)
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The new standard state system and Eqs. 17-19 are of great practical value for
comparing and correlating adsorption constants from different studies (Sverjensky,
2003, 2005). The approach of Model 3 complies with the site-occupancy standard
state for surface species as indicated by the equivalence of Eqs. 19 and 13 (if
NA=N*A*, note that NACs = [≡S]tot × Avogadro’s Number). More recently, Kulik
suggested that using fractional surface coverage has not fully achieved
thermodynamic consistency with respect to “denticity” (Kulik et al., 2010). He
proposed replacing the fractional coverage with a standard adsorbed density (e.g.,
2×10-5 mol/m2). Further review of these theories is beyond the scope of this work,
and the detailed discussion along with the conversion relationships among these
constants have been presented elsewhere (Kulik, 2006b; Kulik, 2009).

5.2.4 Numerical relationship between [≡S2] and [≡S]
Different methods for relating [≡S2] to [≡S] are associated with the different
mass action expressions for the models. The relationship depends on the surface site
geometry and the pattern in which the surface sites get occupied through bidentate
binding. In some cases, the arrangement of these two sites is such that each can form
a bidentate site only with the other, which has been termed as a non-overlapping
pattern. In other cases of site arrangements, a monodentate site might be capable of
joining with any of several neighboring sites to form a bidentate site, which has been
termed as an overlapping pattern (see the graphical abstract and (Benjamin, 2002a;
Benjamin, 2002b) for illustration and detailed discussions).
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Typically the factors (e.g., lower-case k in Eqs. 20 and 21) in the formulas
relating [≡S2] to [≡S] are implicitly included in the equilibrium constants.(Morel and
Hering, 1993) Model 2 (Eq. 11) assumes that [≡S2] is proportional to [≡S].
[≡S2] = k1 [≡S]

(20)

The value of k1 is simply the reciprocal of the number of denticity (here k1 = ½
for a bidentate surface complex). This linear relationship is realistic for systems with
non-overlapping multidentate sites, because the only unoccupied monodentate sites
are those that are the end-members of open multidentate sites (Benjamin, 2002a).
However, the crystallographic nature of mineral surfaces may not always allow nonoverlapping site patterns to form (Kulik, 2009). Nevertheless, even though
multidentate sites can be overlapping, the effect may be insignificant when the
surface is far from saturation (Morel and Hering, 1993).
Model 3 has an implicit mathematical relationship with [≡S2] being proportional
to [≡S] squared.
[≡S2]/[≡S]tot = k3 ([≡S]/[≡S]tot )2 (21)
An important feature of bidentate adsorption in an overlapping lattice pattern is
that the number of available ≡S2 sites decreases as the surface is loaded with
adsorbate not only because of direct occupation of sites, but more significantly
because unoccupied sites surrounding ≡S2B can remain available for monodentate
adsorption but become geometrically unavailable for further bidentate binding.
Therefore, the rate at which the availability of bidentate sites decreases as the surface
is loaded with adsorbate is more consistent with Eq. 21 than Eq. 20. In the mass
action expression for Model 3, the square of [≡S] induces a faster decrease in the
135

thermodynamic driving force for further bidentate binding in response to each
occupation of an ≡S site. More accurate formulas for characterizing multidentate
adsorption that are grounded in statistical-mechanics were proposed many years ago
(Chang, 1939; Guggenheim, 1944). Linking the macroscopic and microscopic
description of multidentate surface binding is still a frontier topic in statistical
thermodaynamics (Llu s Garc s et al., 2009).
Benjamin presented an insightful analysis of different formulas for relating
monodentate and bidentate site availability, which included ad hoc models (Eqs. 2021) and more sophisticated models (The Chang Model (Chang, 1939) and a selfderived Mean Occupation Model) with Monte Carlo simulations (Benjamin, 2002a).
His analysis showed that Eq. 21 yields satisfactory agreement with the Monte Carlo
simulations while Eq. 20 does not. This conclusion served as justification for future
studies to apply the exponent of two in the mass action expression for bidentate
adsorption (Goldberg et al., 2005; Goldberg et al., 2007; Um et al., 2007; Singer et
al., 2009b). As clarified in Benjamin’s original publication(Benjamin, 2002a), the
use of an exponent of two in the mass action expression for bidentate surface
complexation should only be applied in the context of Model 3 with the fractionbased standard state and not in Model 1 due to the associated modeling artifact.
Following Benjamin’s analysis, Redden and Laviolette presented a model based
on quasi-chemical-approximation (QCA) theory (LaViolette and Redden, 2002). The
QCA model provides a remarkably accurate and generalized description of n-dentate
adsorption. The QCA equation for n-dentate (n 4) adsorption is given in Eq. 22
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(Kulik, 2006a; Kulik, 2009); the theoretical details of the model have been presented
previously (Pratt and LaViolette, 1998; Pratt et al., 2001).
KQCA [B] 

q(1  q) n 1
(1  nq) n

(22)

For n = 2, the bidentate QCA isotherm-style equation can then be written explicitly
as

qQCA 

[ S2 B] 4[B]KQCA  4[B]KQCA  1  1

[ S]tot
2(4[B]KQCA  1)

(23)

Eq. 22 can be written in the form of a mass action expression with an implicit
exponent (α) that is a function of surface coverage and not a constant:
KQCA 

[ Sn B] / [ S]tot
q


([ S] / [ S]tot ) [B] (1  nq) [B]

(24)

Equating KQCA in Eqs. 22 and 24 yields α as a function of q:
  n  (n  1)

log(1  q)
log(1  nq)

(25)

where q is constrained to be from 0 to 1 n and thus the value of α increases with
2
increasing surface coverage from (n  n  1) n to n. For bidentate adsorption (n = 2),

α ranges from 1.5 to 2, suggesting that setting α = 2 would be closer to the QCA
model than setting α = 1. QCA equations have recently been incorporated in a novel
SCM based on Gibbs energy minimization that does not use surface site balances
(Kulik, 2006a). However, there is no easy way of implementing such a surfacecoverage-dependent mass action expression in the classical SCM framework because
of the need for pre-defined mole balance and mass action equations (Kulik, 2009).
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As Benjamin commented ten years ago, “it was not clear that numerical solutions
relating the quantity of ≡S2 to that of ≡S for complex systems will ever be developed
or be useful” (Benjamin, 2002b). At least as reflected by the literature to date, the
progress in relating monodentate and bidentate site amounts has not reshaped the
paradigm of SCM in applied fields, while ad hoc models in a form of Eq. 6 still
dominate.

5.2.5 Mass action expression for heterovalent ion exchange
Similar issues to those encountered for multidentate surface complexation mass
action expressions have arisen in developing equilibrium expressions for
heterovalent ion exchange (e.g., resin presaturated with Na+ that exchanges for Ca2+).
While it complies with the site-binding conceptual model (Benjamin, 2002b), ion
exchange is generally regarded as a non-specific sorption process governed by
electrostatic interactions between a counterion in the boundary layer and counterions
in a diffuse cloud around the charged particle (Sparks, 2003). Electroneutrality
requires ion exchange to be stoichiometric so that any ions that leave the surface are
replaced by an equivalent (in terms of charge) amount of other ions. In the
theoretical literature on ion exchange, the conventions of standard state and activity
for exchangeable ions are specified in terms of either equivalent-fraction or molefraction (Stumm and Morgan, 1996; Appelo and Postma, 2005; Maurice, 2009). In
the context of engineering applications, the commonly-used scale of resin-phase ion
is in equivalents/L of volume of water-swelled resin, rather than the total volume of
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solution (Geankoplis, 2003; Crittenden et al., 2005) because ion exchange involves
partitioning of solutes into a “bulk particulate” phase (Morel and Hering, 1993) that
is hydrodynamically and thermodynamically distinct from the bulk solution (Sposito,
1989).
There are at least three widely-used mass action laws for ion exchange, which
induce variations regarding heterovalent ion exchange (Sparks, 2003; Fontes, 2012).
The differences originate from the different bases for calculating activities. The
Vanselow (Vanselow, 1932) convention adopted mole fraction of the exchangeable
ions as the basis and the Gaines-Thomas convention (Gaines and Thomas, 1953)
adopted the equivalent fraction of the exchangeable ions. The Gapon convention
(Gapon, 1933) expresses the adsorbed ions’ activity as a fraction of the number of
exchange sites. In terms of reaction formulas, The Vanselow and Gaines-Thomas
conventions write the exchanged divalent ion as CaX2, while the Gapon convention
writes it as Ca0.5X (X denotes exchange site). The Vanselow and Gaines-Thomas
conventions comply with the formulation of Model 3 (Eqs. 13 and 15, respectively).
The Gapon convention yields an equivalent formulation of Model 2. Although the
Gapon convention has been especially popular among soil scientists, later theoretical
discussions have criticized the Gapon convention for lack of molecular interpretation
and non-physical assumptions in statistical thermodynamics (Sposito, 1977;
Evangelou and Phillips, 1987; Benjamin, 2002a; Plazinski and Rudzinski, 2010).
Some popular modeling software programs (e.g., PHREEQC (Parkhurst and Appelo,
1999; Appelo and Postma, 2005) and the Geochemist’s Workbench (Bethke, 2008;
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Bethke and Yeakel, 2010)) use the Gaines-Thomas convention as the default or
recommended mass action law, although other conventions are also acceptable.

5.3 Multidentate Adsorption in Surface
Complexation Modeling: Practice
Although the theoretical analysis above is rather intuitive and simplified, the
implications of selecting different mass action are also relevant to full
implementation of surface complexation models that accounts for electrostatic
interactions, surface acid-base reactions and ionic strength effects.

5.3.1 Recent SCM publications
Table 5.2 lists many recent SCM publications that considered multidentate
adsorption. These publications were collected from a wide spectrum of the SCM user
community. Some studies conducted intensive validation, calibration and
optimization of SCMs in line with molecular-scale characterization. Some calibrated
models with the goal of consistency and scalability. Many studies just used SCM to
interpret an adsorption dataset or as a tool to predict or design adsorption processes.
This summary indicates the extent of integration of theoretical aspects into the
practice of surface complexation modeling of multidentate adsorption reactions.
Because many popular software programs implicitly use molarity or molality units
for the activity of surface species in the mass action law and automatically equalize
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the coefficients in mole balance and those in mass action equations (i.e., set α equal
to 2 for bidentate surface complexes), Model 1 is still widely used despite the
significant artifacts associated with this model.
The occurrence of Model 2 in the recent SCM literature may reflect the influence
of the textbook authored by Morel and Hering (Morel and Hering, 1993) and the
work of Waite et. al. (Waite et al., 1994) on bidentate adsorption of uranyl to
ferrihydrite, which is one of the most cited articles on SCM (504 citations as of
March 2013 according to Google Scholar). The implementation of Model 2 requires
different coefficients in mole balance (Eq. 3) and mass action equations (Eq. 11),
which is not allowed in many software programs. In terms of the total number of
publications, Model 2 is not as frequently applied as Models 1 and 3. Regardless of
the technical inconvenience of Model 2, the publications that used it are still referred
to for reproduction and comparison (Kallay et al., 2006; Stokes, 2009; Kallay et al.,
2011; Dong et al., 2012).
The application of Model 3 probably originated from the early use of mol/g of
sorbent as the unit of surface species (Hohl and Stumm, 1976; Sigg and Stumm,
1981; Sposito, 1983), while its implementation in popular software programs that
have reshaped recent SCM publications was advanced by several key publications.
Following the seminal publication of Hiemstra and Van Riemsdijk (Hiemstra and
Van Riemsdijk, 1996; Venema et al., 1996b), later applications of the CD-MUSIC
model (Tadanier and Eick, 2002; Heidmann et al., 2005; Brechbuhl et al., 2012;
Ridley et al., 2012) primarily use Model 3 with Eq. 13. As implemented by Appelo
and Postma (Appelo and Postma, 1999, 2005), PHREEQC Version 2.0 automatically
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Table 5.2. Summary of the approaches for multidentate adsorption modeling in
recent SCM publications
References
(Missana et al., 2003b)
(Missana et al., 2003a)
(Xu et al., 2006)
(Duc et al., 2006)
(Guo et al., 2008)
(Jordan et al., 2009)
(Shi et al., 2009)
(Nagar et al., 2010)
(Han et al., 2010)
(Jolsterået al., 2012)
(Sun et al., 2012)
(Que et al., 2013)
(Shi et al., 2012)
(Barnett et al., 2002)
(Fox et al., 2006)
(Zeng et al., 2008)
(Loganathan et al., 2009)
(Zeng et al., 2009)
(Stokes, 2009)
(Marcussen et al., 2009)
(Heidmann et al., 2005)
(Um et al., 2007)
(Hofmann and Liang, 2007)
(Kersten and Vlasova, 2009a)
(Kersten and Vlasova, 2009b)
(Hartzog et al., 2009)
(Paul et al., 2012)
(Brechbuhl et al., 2012)
(Ridley et al., 2012)
(Peacock and Sherman, 2004)
(Peacock and Sherman, 2007)
(Rotter et al., 2008)
(Sherman et al., 2008b)
(Guo et al., 2009b)
(Guo et al., 2009a)
(Dong et al., 2012)
(Nagata and Fukushi, 2010)
(Jonsson et al., 2010)
(Wang et al., 2013b)

Sorption system studied
U(VI) to goethite
U(VI) to magnetite
Heavy metals to goethite
Selenite to hematite
Metals to lignin
Se & silicic acid to Fe oxide
Se(IV) to TiO2
As to water treatment residuals
As to TiO2
Mg(II) to iron oxides
Eu(III) to graphene oxide
As(V) to iron coated sand
Eu(III) and Se(IV) to TiO2
U(VI) to subsurface media
U(VI) to ferrihydrite & quartz
As, phosphate to iron oxide
U(VI) to sands
U(VI) to hematite
As to ferric hydroxide
Ni to goethite and clay
Metals to kaolinite
U(VI) to sediment
Citrate to ferrihydrite
As(III) to goethite
Silicate to goethite
As to goethite
Ofloxacin to TiO2
CO32− and As to hematite
Y3+ and Nd3+ to TiO2
Cu(II) to iron oxides
Ni to birnessite
U reactive transport
U(VI) to goethite
U(VI) to silica
U(VI) to goethite
U(VI) to sediments
Iodate to oxides
L-aspartate to TiO2
U(VI) to Mn oxides

a

Model #
1
1
1
1
1
1
1
1
1
1
1
1
1
2
2
2
2
2
2, 3a
1 or 3b
3a
3a
3a
3a
3a
3a
3a
3a
3a
3b
3b
3b
3b
3b
3b
3b
3c
3c
3c

Solver d
C
C
F
F
F
F
F
F
F
F
F
H
F
F
F
F
MIC
F
F & ME
P&F
EC
F
O&E
F
F
VM
H
EC
EC
F
P
P
EQ
P
P
P
G
G
ME

Denticity
BiBiBiBiBiBiBiBiBiBiBiBiBiBiBiBiBiBiBiBi-, TriBiBiTriBiBiBiTriBiBi, TetraBi-, TriBi-, TriBiBiBiBiBiBiTetraBi-

surface mole fraction based activity for surface species, as in Eq. 13
surface coverage fraction based activity for surface species, as in Eq. 15
c
standard states proposed by Sverjensky, in which molar-based constants were converted to intrinsic
ones as in Eqs. 17-19.
d
C: CHESS; F: FITEQL; H: Home-made solvers; MIC: MICROQL; ME: MINEQL+; P:
PHREEQC(V2); EC: ECOSAT; O: ORCHESTRA; VM: Visual MINTEQ; EQ: EQLFOR; G:
GEOSURF. Some (versions of ) solver programs (i.e., MINEQL+ and FITEQL) cannot directly
handle Model 3, but need a posteriori recalculation of the equilibrium constant (see text for details).
b
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applies surface coverage fraction for activities of surface species in mass action
calculations (Parkhurst and Appelo, 1999), and the wide application of PHREEQC
has popularized the approach of Model 3 with Eq. 15 (Peacock and Sherman, 2007;
Rotter et al., 2008; Guo et al., 2009a; Guo et al., 2009b; Dong et al., 2012).
Alternatively, Model 3 is sometimes implemented by using sorbent-concentrationdependent mass action equations and equilibrium constants in simulations based on
molar units (Um et al., 2007; Hartzog et al., 2009; Kersten and Vlasova, 2009a, b).
In addition, a number of SCM studies (Fukushi and Sverjensky, 2007; Kanematsu et
al., 2010; Nagata and Fukushi, 2010; Wang et al., 2013b) applied the standard state
proposed by Sverjensky for multidentate adsorption modeling. Their calculations
were still performed within the framework of 1 mol/L standard state as in Model 1,
but the model presentations reported equilibrium constants for different standard
states using the conversion equations (Eqs. 17-19).

5.3.2 Matters of Concern
Although the publications summarized in Table 5.2 developed models that could
fit individual datasets, some of these studies may contain mishandling and ambiguity
in the mass action expression for multidentate surface complexation. In the studies
compiled in Table 5.2, there are primarily two types of unfavorable treatments that
may lead to problems. The first is the use of Model 1 to predict sorption equilibrium
at different sorbent concentrations or to calculate the required sorbent dose for
certain treatment targets (e.g. (Missana et al., 2003b; Duc et al., 2006; Shi et al.,
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2009; Shi et al., 2012; Que et al., 2013). The SCMs formulated as Model 1 will only
work at the sorbent concentration at which the models were calibrated, and they will
always overestimate the extent of multidentate adsorption at higher sorbent
concentrations and underestimate it at lower sorbent concentrations. Some studies
noted the failure of Model 1 to predict the effect of sorbent concentration, but they
chose to change reaction stoichiometry (Missana et al., 2003b) or report different
equilibrium constants for different sorbent concentration (Duc et al., 2006; Zhao et
al., 2012) rather than change to a model that avoided the underlying problem with
Model 1. Many studies did not use various sorbent concentrations to calibrate their
models, so the artifact of Model 1 did not affect the modeling of a given dataset, but
these models could not be applied to other sorbent concentrations.
A second concern is the ambiguity and even contradiction in the presentation
of SCM. These can cause difficulties when others try to use, reproduce, compare or
optimize these models. Many publications just include a table of reactions with
reaction stoichiometries and equilibrium constants, but they do not indicate
specifically what mass action expression was used. It is often left to the informed
reader to see what software program was used for implementing the solution to
determine which approach was used. Some studies (Guo et al., 2009a; Guo et al.,
2009b) used PHREEQC (Version 2) for bidentate surface complexation modeling,
but the explanatory text of the models still followed the conventional molar
concentration activity for surface species. Mixed use of surface-coverage-fractionbased (PHREEQC) and molarity-based software programs (FITEQL) without
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specifying the approaches to which the reported equilibrium constants follows can
also cause confusion (Marcussen et al., 2009).

5.4 Bridging the Gap between SCM Theory and
Practice
From the current status of the SCM publications regarding multidentate surface
reactions, there appears to be a gap between surface complexation modeling theory
and practice. The theoretical basis for multidentate SCM might not have been
presented in an easily accessible style, particularly for SCM users relying on
software programs for interpreting and predicting sorption processes. This section
reviews textbook and software programs, as they are the materials that directly
influence most model practitioners. An example based on a previous publication is
then presented to illustrate the implication of the selection of different approaches.
Building on this information, several practical suggestions are made for bridging the
gap between SCM theory and practice.

5.4.1 Relevant sections of popular textbooks
As most SCM practitioners are initiated with reading books on the general
subject of aquatic chemistry, it would be valuable for educational texts to point out
the limitation of the hypothetical 1.0 mol/L standard state for surface species and to
clarify the potential artifacts that may arise in multidentate SCM. In most textbooks
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Table 5.3. Standard states and model types for surface species in popular
aquatic chemistry textbooks
Ref.

Book Title

Relevant Texts (pages)

(Morel and
Hering, 1993)

Principles and
Applications of
Aquatic
Chemistry

 Used mol/L of solution for convenience to have consistent units for
aqueous and sorbed species. (515)
 Recommended Model 2 for multidentate adsorption modeling. (519)

(Stumm and
Morgan,
1996)

Aquatic
Chemistry

 Presented the formal mass action law using mol/kg of sorbent (535)
 Also allowed the use of mol/L scale. (535, 546)

(Langmuir,
1997)

Aqueous
Environmental
Geochemistry

 The use of mol/L for surface was implied from the notation and unit
used in the charge density calculations. (375-376, 379)

(Benjamin,
2002b)

Water Chemistry

 Describes surface complexation model as equating surface species
activity with molarity with a coulombic correction term (555, 562)
 Discussed the surface geometry effect in overlapping bidentate
binding. Suggested Model 3 for bidentate (612)b

(Sparks, 2003)

Environmental
Soil Chemistry

 The mass action expressions used mol/L for surface species. (166)
 The bidentate surface reaction was also written in mol/L scale. (164,
166)

(Appelo and
Postma, 2005)

Geochemistry,
Groundwater
and Pollution

 Adopted the convention as Sposito (Sposito, 1983) that a surface
complex has an activity of one when fully covering the surface in a
charge free environment. (335)
 Mentioned the difference between Models 2 and 3. (329)

(Maurice,
2009)

Environmental
Surfaces

 Used molar-concentration-based activity for simplicity. (159)

 Followed the approach of (Benjamin, 2002b) in using molar
concentration-based mass action equations. (534)
Water Chemistry
 The use of MINEQL for illustrations would imply the application of
Model 1 for multidentate surface reactions. (548)
a
There is a new issue of this book released in 2010 by Waveland Press.
b
On page 612 of Water Chemistry (Benjamin 2002), the bidentate adsorption isotherm as shown in Eq.
10.73 is consistent with Eq. 14 in the present review so that it implied Model 3. However, two
typographic errors on that page may induce confusion. The isotherm equation in this book has a
dissolved sorbate concentration term missing in the denominator of the fractional expression (compare
Eq. 10.73 in the book and Eq. 14 in the present review). In Eq. 10.72 that shows the estimated numerical
relationship between ≡S2 and ≡S, the book wrote [≡S2] ≈ k[≡S]/TOT ≡S, where k depends on the surface
site geometry (For instance, k = 2 – 2/n for a square grid of n × n sites). After checking the original
article that Benjamin published in 2002, the correct equation should be [≡S 2] ≈ k[≡S]2/TOT ≡S (see Eqs.
7, 13 and 20 in Ref. (Benjamin, 2002a)), which is equivalent to Eq. 21 in the present review. These
errors remain in the reissued version of this book (Benjamin 2010, Waveland Press).
c
A table summarizing the conventions for standard states and activities was presented on page 124. It
covered gases, solid(liquid) mixtures, aqueous solutes and even exchangeable ions, but not surface
complexes. The full coverage standard state was defined later on page 335.
(Brezonik and
Arnold, 2011)
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that introduce surface complexation models, multidentate adsorption may be
considered too detailed to deserve specific discussions. However, explanatory text
based on monodentate adsorption examples may unintentionally imply that such
treatments are applicable to multidentate surface reactions. Table 5.3 summarizes the
approaches followed in several widely-used textbooks regarding the selection of
standard states, or more explicitly, the unit of the concentrations for surface species
in mass action equations. While the textbooks take great care to explain the
Coulombic term that makes equilibrium expressions for surface complexation
different from those for aqueous complexation, they primarily acknowledge that the
activities of surface species are difficult to quantify and that most models do not
apply activity coefficients to individual surface species as they do to aqueous species.
The error implicit in the activity coefficient is minimized if the standard state uses an
infinite dilution reference (Sverjensky, 2003). However, a unity activity coefficient
does not necessarily warrant equalizing activity to molar concentration and the use of
a 1.0 mol/L standard state for surface species. As far as we know, the theoretical
advancements (Appelo and Postma, 1999; Benjamin, 2002a; Sverjensky, 2003;
Kulik, 2006b) on the appropriate standard states for surface species have not been
covered in recent textbooks.

5.4.2 Popular computer software programs
Different software programs have different treatments of the mass action
equations, and model users should be aware of these treatments and can note them in
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individual publications. Unfortunately, the exact mass action expressions is a detail
that has been frequently ignored in many applications-oriented publications that used
SCM, and it is a detail that is often hard to find in software or database manuals.
Many popular chemical equilibrium programs (e.g., MINEQL (Schecher and
McAvoy, 2007), FITEQL (Herbelin and Westall, 1999), GEOSURF (Sahai and
Sverjensky, 1998), The Geochemist’s Workbench (Bethke and Yeakel, 2010)) still
keep the conventional 1.0 mol/L standard states for surface species. To convert the
formulation of Model 1 to Model 3, Gustafsson (Gustafsson, 2003) developed a tool
for performing the recalculation during fitting with FITEQL 4.0, but it has not been
widely used. Given its high customizability, direct implementation of Model 3 in
FITEQL can be possible by using auxiliary variables (i.e., fractions) that only
participate in mass action but not in mole balance equations. Some of the recently
developed or updated programs (e.g., Visual MINTEQ (Gustafsson, 2011), ECOSAT
(Keizer and Van Riemsdijk, 2002) and ORCHESTRA (Meeussen, 2003)) have
adopted the mole-fraction basis for surface species (i.e., Model 3, Eq. 13), so that
the use of these programs would avoid the for pitfalls inherent in molarity-based
concentrations. Particular caution is needed when a model involves different versions
of a software program. PHREEQC Version 1 defined activity of a surface species as
molality (Parkhurst, 1995), and in Version 2 (Parkhurst and Appelo, 1999) and
Version 3 (Parkhurst and Appelo, 2013) (released in 2013) the activity of surface
species is defined as mole fraction of sites occupied by the species. In the reactive
transport code TOUGHREACT Version 2 (Xu et al., 2012), the numbers of
NOTRANS variable clearly indicates whether a surface species uses molality-based
148

(Mode 1), mole-fraction based (Model 3, Eq. 13), or equivalent-fraction based
(Model 3. Eq. 15, as in PHREEQC Versions 2, 3) surface complexation constants in
the thermodynamic database. The implementation of Model 2 may be only possible
in customizable programs that allow decoupling of mole balance and mass balance
equations, including FITEQL (modifying the coefficients in Matrix B) and
PHREEQC Version 1 (using the –no_check and mole-balance identifier). Such
options have been retained in PHREEQC Versions 2 and 3 for implementation of
SCMs formulated in Model 2.

5.4.3 Illustrative example: U(VI) adsorption to goethite
An earlier SCM publication by (Missana et al., 2003b) on U(VI) adsorption to
goethite in the absence of inorganic carbon illustrates the implications of using
different modeling approaches for multidentate surface reactions. The diffuse double
layer (DDL) model (Dzombak and Morel, 1990) was used in the original study
(Missana et al., 2003b) and was retained in the present analysis. Missana et al.
(Missana et al., 2003b) generated an adsorption edge dataset in equilibrium batch
experiments and then implemented an SCM to fit the data using Model 1 by setting α
at two using the 1.0 mol/L standard state. Experiments were conducted at two
sorbent concentrations (2 and 0.16 g/L) and the model was fit just using the 2 g/L
data. The surface and aqueous reactions, site density, specific surface area and the
types of mass action expression are summarized in Table 5.4. As in the original
study, the surface reactions include protonation (≡SOH2+) and deprotonation (≡SO−)
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of monodentate surface sites (≡SOH), and a bidentate surface complexation reaction
of adsorbed uranyl ((≡SO)2UO2). It should be noted that subsequent work (Sherman
et al., 2008b) has suggested more complex models and integrated those with surface
characterization; however, the use of the simpler model here is sufficient for
illustrative purposes.
Table 5.4. U(VI)-goethite surface complexation model as an illustrative
example
Reactions in the Example Model
Log Ka
Surface complexation reactions
Model 1
Model 2
Model 3
7.0b
7.0b
7.0b
≡SOH + H+ ⇌ ≡SOH2+
−10.0b
−10.0b
−10.0b
≡SOH ⇌ ≡SO− + H+
b
c
2+
+
0.4 ,
−3.61
0.70−LogCsd
2≡SOH + UO2 ⇌ (≡SO)2UO2 + 2H
2
Diffuse double layer model, Specific surface area = 35 m /g
pHzpc = 8.6, Site densitye = 2.2 μmol/m2 = 1.32 sites/nm2
Aqueous reaction of uranyl f
−5.2
UO22+ + H2O ⇌ UO2OH+ + H+
−10.3
UO22+ + 2H2O ⇌ UO2(OH)2(aq) + 2H+
−19.2
UO22+ + 3H2O ⇌ UO2(OH)3− + 3H+
−33.1
UO22+ + 4H2O ⇌ UO2(OH)42− + 4H+
−2.7
2UO22+ + H2O ⇌ (UO2)2(OH)3+ + H+
−5.6
2UO22+ + 2H2O ⇌ (UO2)2(OH)22+ + 2H+
−11.9
3UO22+ + 4H2O ⇌ (UO2)3(OH)42+ + 4H+
−15.6
3UO22+ + 5H2O ⇌ (UO2)3(OH)5+ + 5H+
−31.0
3UO22+ + 7H2O ⇌ (UO2)3(OH)7− + 7H+
−21.9
4UO22+ + 7H2O ⇌ (UO2)4(OH)7+ + 7H+
a
The tabulated equilibrium constants were all based on the standard state of 1.0 mol/L as input
in FITEQL.
b
From the original model in (Missana et al., 2003b) The mass action expression for this
bidentate surface complexation reaction is as Model 1, for a solid concentration of 2 g/L.
c
Obtained by fitting the adsorption edge dataset at 2 g/L goethite (Figure 2(a)) using FITEQL
with the mass action expression of Model 2.
d
Cs is the concentration of goethite (g/L). For Cs = 0.16 g/L, Log K = 1.50. Model 1 was
converted to Model 3 by modifying the FITEQL-input equilibrium constants in inverse
proportion to sorbent concentration.
e
Note there is a corrigendum(Missana et al., 2005) associated with the original article (Missana
et al., 2003b), where the unit of density was corrected.
f
The constants used in the model published by Missana et. al.(Missana et al., 2003b) Some
constants are different from the most updated values from the database published by the
Nuclear Energy Agency (Guillaumont et al., 2003).

Both Model 2 and Model 3 can be used to provide a good fit to the experimental
data. Model 1 can only provide a good fit at a single sorbent concentration. With the
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approach of Model 1, we used FITEQL 4 (Herbelin and Westall, 1999) to reproduce
the Missana et. al. model (Missana et al., 2003b) to fit the experimental edge dataset
at 2 g/L sorbent loading (Figure 5.2(a)). We then implemented Model 2 by
modifying the mass action coefficient of [≡SOH] from two to one and re-determined
K by optimizing the fit of the experimental data at 2 g/L goethite. Model 1 was
converted to Model 3 by modifying the FITEQL-input equilibrium constants in
inverse proportion to sorbent concentration. At a fixed sorbent concentration, Models
1 and 3 are equivalent. With a different log K, the approach of Model 2 could also
simulate the experimental data (Figure 5.2(a)).
The artifact of Model 1 discussed earlier using Eqs. 9-10 arises when the model
is implemented at a different goethite concentration (Figure 5.2(b)). At a lower
sorbent concentration (0.16 g/L), the adsorption predicted using Model 1 decreases
significantly more than was observed in experiments. In the original publication,
exactly the same behavior of underestimating adsorption at decreased solid-tosolution ratio was observed (See Figure. 9 in Missana et. al. (Missana et al., 2003b));
however, this was interpreted as an indication of “the importance of validating
surface complexation models on the widest range of experimental condition for
reliable application” and not by recognizing that it was an artifact of using Model 1.
In our present analysis, Model 2 and Model 3 both yield good agreements with the
experimental data at the lower sorbent concentration as well as at the 2 g/L
concentration.
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Figure 5.2. SCM simulations of adsorption edges (Panels a and b) and isotherms
(Panels c and d) in this example. Symbols are experimental data extracted from the
original publication (Missana et al., 2003b). As done in the original publication,
adsorption edge simulations were performed at a total U(VI) concentration of 0.44
μmol/L at two different goethite concentrations (2 and 0.16 g/L). Simulations of
isotherms were performed at pH 7.0. The ionic strength for all simulations was set at 0.1
mol/L.

Although both Models 2 and 3 could perform equally in simulating adsorption as
a function of pH (i.e., sorption edge data), the present example also shows that they
can behave differently in response to the extent of surface coverage. In both the
original publication and in the present analysis, the models were calibrated at a low
surface coverage (0.44 μM U(VI) in equilibrium with 154 μM ≡SOH at 2 g/L
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sorbent). We tested these models by incrementally adding U(VI) at a fixed pH of 7 to
calculate adsorption isotherms and compare their behaviors in response to increasing
loading of adsorbate. At a goethite concentration of 2 g/L (Figure 5.2(c)), the
simulated isotherms all approach saturation (i.e., q → 0.5 if total U further increases)
as the equilibrium dissolved U concentration increases, but the sorption densities
simulated by Models 1 and 3 increase more gradually than when simulated by Model
2, since the square of the activity of ≡SOH in the mass action expression leads to a
faster decrease of thermodynamic driving force in response to site occupancy.
Nevertheless, the differences are negligible when the surface is far below saturation.
Empirically, if the model parameters are calibrated at low coverage, no significant
difference between the different approaches would occur unless surface coverage
exceeds 20% (i.e., q > 0.1).
The isotherms simulated at a lower sorbent loading again illustrated the artifact
of Model 1 (Figure 5.2(d)). Models 2 and 3 both produced isotherms independent of
sorbent concentrations, but Model 1 greatly underestimated the extent of adsorption.
Consistent with Eq. 10, the initial slope of the isotherm simulated by Model 1 in this
example is proportional to the sorbent concentration.

5.4.4 Practical suggestions for SCM practitioners
The present discussion highlights the practical significance of the earlier
theoretical studies on multidentate adsorption modeling and points to actions that can
reshape future SCM literature.
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 Technical clarity of publication. Publications should clearly explain the mass
action expression used for individual models in addition to merely tabulating the
equilibrium constants given by software programs. Complete clarity of the mass
action law in SCM must include explicit information on the standard state (i.e., the
numerical scale used for activity of surface species), the value of exponents of the
activity of available monodentate sites (1 or n), and the relevant settings in the
software program used (on a basis of molarity, mole fraction, or coverage fraction).
 Precaution for Model 1. Direct application of Model 1 for multidentate surface
complexation modeling (i.e., molar-based standard states with α = denticity) should
be avoided. While the use of Model 1 may provide a satisfactory fit to a dataset at a
single sorbent concentration, it cannot be used for other sorbent concentrations.
Modelers need to be aware of the possible repercussions and take precautions when
referring to previous SCM publications.
 Acceptable use of Model 1: conversion to Model 3. The use of Model 1 is only
acceptable if the explanatory text for the model specifies the conditions of sorbent
loading at which the reported molar-based equilibrium constants are obtained and
provides information about how to apply the model at different solid concentrations
(Example Refs: (Um et al., 2007; Hartzog et al., 2009; Kersten and Vlasova, 2009a;
Wang et al., 2013b)). For example, the information of Eq. 26 should be presented
for bidentate surface complexation reaction,
K3 = K1 [≡S]tot = K1 (NACs)

(26)

where K3 is the instrinc constant and K1 is the constant for Model 1 that is
dependent on the sorbent loading (N = site density in mol/m2, A = specific surface
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area in m2/g, Cs = sorbent concentration in g/L). Therefore the value of K1, which is
the input equilibrium “constant” in software programs with molar-based activity
system, should vary in inverse proportion to Cs.
 Implementation of Model 3. Applying Model 3 within a molar-based standard
state system requires equilibrium constants to be dynamically updated if the
amounts of adsorbing materials vary along a flow path or in a treatment process.
Alternatively, as in updated versions of PHREEQC, Visual MINTEQ, ECOSAT and
TOUGHREACT, its implementation has already been enabled by modifying the
quantification scale of the activity of surface species. If the mass action formulation
of the SCM used in the program is fraction-based, clear and consistent
representation of equilibrium constant expressions (as with Model 3) should be
included (Example Refs: (Peacock and Sherman, 2007; Rotter et al., 2008; Sherman
et al., 2008b)), instead of implicitly assuming that the entire readership is
knowledgeable about the programs used in every study.
 Accounting for the variations of site density and specific surface area. If the
studies (Example Ref.: (Wang et al., 2013b)) involve comparision of sorbents with
the same identity but different specific surface areas and/or site densities and the
models are developed based on 1.0 mol/L standard state, then the conversion
equations proposed by Sverjensky(Sverjensky, 2003) (e.g., Eqs. 17-19) can be
applied to obtain instrinsic equilibrium constants regardless of the amounts and
properties of the sorbent. The conversion equations are also useful for applying
constants from a model in one study to a related model in a different study
(Example Ref.: (Singh et al., 2010b)). Applying these conversion equations for
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multidentate adsorption also avoids the artifiact of Model 1 by inherently converting
Model 1 to Model 3.
 Comparison of Models 2 and 3. Both Model 2 and Model 3 can avoid the artifact
associated with the sorbent concentration effect. The underlying assumptions and
mathematical nature of Model 2 and Model 3 lead to similar behaviors of the model
at low surface coverage but to predictions of greater adsorption extents in Model 2
as saturation is approached. For most natural systems, where the surfaces of
adsorbing minerals are often far from saturation, Model 2 or Model 3 can be used
with equal success. However, for engineered adsorption processes where surface
sites are highly utilized, the difference between the two approaches may become
significant. Model 3 agrees better with the QCA theory and Monte-Carlo simulation,
and it complies with the new more rigorous standard state framework for surface
species.

5.5 Conclusions
The appropriate formulation of mass action expression for multidentate surface
reaction is admittedly not a new topic in SCM research. In fact, as this review
summarized, it has been discussed by adsorption phenomena theoreticians along with
progressive developments and extension of surface complexation theory for at least
the last two decades. The primary theoretical issues are on (1) the inherent limitation
of the traditional 1.0 mol/L standard state framework for surface species and (2) the
relationship between the quantity of available multidentate sites to that of available
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monodentate sites. The insights provided by these theoretical studies have shaped the
literature of SCM, resulting in a variety of mass action formulations for multidentate
surface complexation reactions. However, these new insights have not been fully
reflected in recent SCM publications so that mishandling and ambiguity of
multidentate adsorption modeling are still continuously seen. There are practical
steps and guidelines that can be followed that can lead to greater improvements in
SCM practice based on advances in SCM theory.
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Chapter 6. Oxidative UO2 Dissolution
Induced by Soluble Mn(III)
Results of this chapter have been submitted to Environmental Science & Technology.
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Abstract
The stability of UO2 is critical to the success of reductive bioremediation of
uranium. When reducing conditions are no longer maintained, Mn redox cycling may
play a significant role in the oxidation of UO2 and remobilization of uranium.
Ligand-stabilized soluble Mn(III) was recently recognized as an important redoxactive intermediate in Mn biogeochemical cycling. This study evaluated the kinetics
of oxidative UO2 dissolution by soluble Mn(III) stabilized by pyrophosphate (PP)
and desferrioxamine B (DFOB). The Mn(III)-PP complex was a potent oxidant that
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induced rapid UO2 dissolution at a rate higher than by a comparable concentration of
dissolved O2. However, the Mn(III)-DFOB complex was not able to induce oxidative
dissolution of UO2. The ability of Mn(III) complexes to oxidize UO2 was probably
determined by whether the coordination of Mn(III) with ligands allowed the
attachment of the complexes to the UO2 surface to facilitate electron transfer.
Systematic investigation into the kinetics of UO2 oxidative dissolution by the
Mn(III)-PP complex suggested that Mn(III) could directly oxidize UO2 without
involving particulate Mn species (e.g., MnO2). The expected 2:1 reaction
stoichiometry between Mn(III) and UO2 was observed. The reactivity of soluble
Mn(III) in oxidizing UO2 was higher at lower ratios of pyrophosphate to Mn(III) and
lower pH, which is probably related to differences in the ligand-to-metal ratio and/or
protonation states of the Mn(III)-pyrophosphate complexes. Disproportionation of
Mn(III)-PP occurred at pH 9.0, and the oxidation of UO2 was then driven by both
MnO2 and soluble Mn(III). Kinetic models were derived that provided excellent fits
of the experimental results.

6.1 Introduction
As a promising in-situ remediation strategy for uranium contamination in soil
and groundwater, microbial metabolism stimulated by organic electron donors can
reduce soluble U(VI) to U(IV), producing biogenic UO2 as well as other low
solubility U(IV) species (Bargar et al., 2008; Bernier-Latmani et al., 2010) . The
longevity of UO2 with respect to oxidative dissolution is critical to the success of
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uranium bioremediation. Once the supply of electron donor ceases, UO2 can be reoxidized by subsurface oxidants that include O2 (Ulrich et al., 2009), oxidized
nitrogen species (Senko et al., 2005b) and metal oxides (e.g., Fe(III) and Mn oxides
(Fredrickson et al., 2002a; Liu et al., 2002; Sani et al., 2005; Ginder-Vogel et al.,
2010)). Therefore, an understanding of the kinetics and mechanisms of UO2
oxidation and dissolution is necessary for the optimal design of bioremediation
strategies as well as the long-term stewardship of spent nuclear fuel (Bargar et al.,
2008).
There is increasing evidence that U(IV) stability can be influenced by Mn
biogeochemical cycles through both solid and soluble forms of oxidized Mn. Mn is
present at appreciable concentrations at several U-contaminated sites (e.g., up to 20
µM in groundwater at a site in Rifle, Colorado (Campbell et al., 2011; Zachara et al.,
2013)). Oxidized Mn species can exert major geochemical impact even if they are
only present as minor constituents in the subsurface (Borch et al., 2010). The natural
occurrence of Mn oxides (e.g., MnO2) is largely driven by Mn-oxidizing
microorganisms in a process that occurs rapidly even at extremely low dissolved O2
concentration (Tebo et al., 2004; Morgan, 2005; Clement et al., 2009). The
introduction of Mn(II) into microoxic subsurface regions may provide conditions
ideal for microbial Mn oxidation coupled to the abiotic oxidation of UO2. A recent
laboratory study found that active Mn bio-oxidation under low O2 conditions
dramatically promoted UO2 dissolution compared with O2 alone (Chinni et al., 2008).
Behaving catalytically, only small amounts of Mn(II) were needed to sustain the
coupled redox processes as long as a supply of O2 (even low) was available. U(IV)
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oxidation mediated by Mn is intuitively hypothesized to involve the reaction between
UO2 and MnO2, which appears to require direct contact due to the low solubilities of
the two oxides (Plathe et al., 2013; Wang et al., 2013c). In addition to the solid-solid
interaction, reaction pathways of U(IV) oxidation mediated by soluble Mn species
may be important in the presence of certain ligands and in the process of in-situ Mn
bio-oxidation (Wang et al., 2013c).
Soluble Mn(III) species can play important roles in various biogeochemical
processes in subsurface environments (Duckworth et al., 2009a). It has long been
known that free Mn(III) ions rapidly disproportionate to form Mn(II) and MnO2,
although soluble Mn(III) can be stable at extremely low pH or through complexation
with high affinity ligands (Johnson, 2006). Studies at environmentally relevant
conditions suggested that ligand-stabilized Mn(III) species may occur as
intermediates of Mn oxidation (Duckworth and Sposito, 2005b; Webb et al., 2005a;
Butterfield et al., 2013) or reduction (Ehrlich, 1987; Lin et al., 2012) and as ligand
promoted dissolution products of Mn(III)-bearing minerals (e.g., MnOOH)
(Duckworth and Sposito, 2005a; Peña et al., 2007; Wang and Stone, 2008). These
ligands, such as pyrophosphate (Gunary, 1966), siderophores (Duckworth and
Sposito, 2005a; Harrington et al., 2012b) oxalate, and citrate are widely present in
natural environments. More recent evidence of aqueous Mn(III) in suboxic regions
of oceanic environments (Trouwborst et al., 2006) and estuary sediment porewaters
(Madison et al., 2011; Madison et al., 2013) demonstrated that Mn(III) can constitute
a large fraction of the dissolved Mn pool at oxic/anoxic interfaces in a wide range of
environmental settings.
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Although Mn(III) species have been anticipated as a potential environmental
oxidant, their reactivity and kinetic characteristics are not fully appreciated or
understood. Solid Mn oxides that contain more Mn(III) were found to be more
reactive oxidants for Cr(III) and organics than those oxides with less or no Mn(III)
(Nico and Zasoski, 2000, 2001; Weaver and Hochella, 2003). A recent study (Chen
et al., 2013) demonstrated that the oxidative decomposition of carbadox by MnO2
could be dramatically accelerated by addition of oxalate, in which the redox reaction
between MnO2 and oxalate produced soluble Mn(III) stabilized by excess oxalate.
Conversely, other studies suggested that formation of Mn(III) passivated the surface
of MnO2 and made it less reactive (Nesbitt et al., 1998; Lafferty et al., 2010b).
Although studies have shown that soluble Mn(III) can oxidize Fe(II), sulfide, organic
compounds (Kostka et al., 1995; Klewicki and Morgan, 1998), and Cr(III) (Rophael,
1982), other studies have suggested that soluble Mn(III) pyrophosphate complexes
could not readily oxidize Cr(III) unless MnO2 was formed from disproportionation
(Perez-Benito and Arias, 2001; Weaver et al., 2002; Murray and Tebo, 2007).
The objectives of this study were to (1) evaluate and quantify the kinetics of UO 2
oxidative dissolution by soluble Mn(III) at environmentally relevant conditions in
the presence of naturally-occurring ligands (pyrophosphate and desferrioxamine B)
and (2) assess the effect of pH and ligand-to-metal ratio on the reactivity of Mn(III)
with respect to UO2 oxidation. Knowledge of the kinetics of Mn(III)-UO2 reaction
can also provide insights into Mn-mediated oxidation of other redox-active
contaminants and nutrients in subsurface environments.
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6.2 Materials and Methods
6.2.1 Materials
Synthetic uraninite (UO2) was prepared by heating studtite (UO2O2(H2O)2·2H2O)
in a continuous flow of pure hydrogen at 400 °C as described by Ulrich et al.(2009)
As a representative inorganic complexant, pyrophosphate (P2O74−, PP) was selected
as the primary Mn(III) ligand used in this study. Pyrophosphate is relevant to
subsurface environments(Gunary, 1966) and is redox-inert (Klewicki and Morgan,
+

1998). Desferrioxamine B (C25H46N5O8NH3 , DFOB), which is an environmentally
relevant and widely-used biogenic trihydroxamate siderophore (Duckworth and
Sposito, 2005b; Bi et al., 2010), was also used in selected experiments. The
preparation of the Mn(III)-PP stock solution followed the procedures in Kostka et al.
(1995) and Trouwborst et al. (2006) and is briefly described here. Sodium
pyrophosphate decahydrate (>99%, Sigma-Aldrich) was dissolved in water to reach a
concentration of 50 mM with pH adjusted to 8.2. Manganese(III) acetate dihydrate
(>97%, Sigma-Aldrich) solid was slowly added to the sodium pyrophosphate
solution during vigorous stirring to form a purplish solution with 10 mM Mn(III)
and 50 mM PP. The final pH was adjusted to 7.0. The concentration and purity (>
98%) of the Mn(III)-PP stock solution was confirmed by inductively coupled plasma
mass spectrometry (ICP-MS) for total Mn and by an iodometric titration for
oxidation state (Trouwborst et al., 2006). The preparation of the Mn(III)-DFOB
stock solution followed the procedures in Faulkner et al. (1994), which were also
used in several recent studies (Duckworth and Sposito, 2005b; Madison et al., 2011).
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Briefly, desferrioxamine mesylate (>92.5%, Sigma-Aldrich) solid was dissolved in
water to reach a concentration of 5 mM. Concentrated manganese(II) chloride
solution was added to reach a Mn(II) concentration of 5 mM. The pH of the solution
was adjusted to 9.0. The solution was aerated for 12 hours, which resulted in Mn(II)
oxidation to Mn(III) and yielded a clear green solution. This solution was filtered
(0.02 μm polyethersulfone, Tisch Environmental, OH) to remove any possible Mn
precipitates. The yield of the Mn(III)-DFOB synthesis was higher than 90%
(Duckworth and Sposito, 2005b). Both Mn(III)-PP and Mn(III)-DFOB stock
solutions were freshly made and used within three weeks in this study. H 2-sparged
anoxic ultrapure water (resistivity >18.2 MΩ·cm) was used to prepare all solutions.
For the Mn(III)-DFOB solution, the dissolved O2 introduced in the preparation
process was removed by sparging with a 95% N2 / 5% H2 gas mixture overnight.
HNO3 and NaOH were used for pH adjustment.

6.2.2 Batch experiments
Batch experiments of UO2 oxidation and dissolution by soluble Mn(III) were
performed in an anaerobic chamber (Coy Lab Products Inc., MI) with a composition
of O2 controlled below 1 ppm by circulating an atmosphere of 95% N2 / 5% H2 over
a heated Pd catalyst. PP was always in excess of Mn(III) and also served as the pH
buffer (pKa = 0.9, 2.0, 6.6 and 9.4 (McElroy and Glass, 1951)). For the experiments
involving DFOB (pKa = 8.4, 9.4, 10.1 for the three hydroxyl groups and 11.7 for the
terminating amine group (Duckworth and Sposito, 2005b)), 5 mM MOPS (3-(N-
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morpholino)propanesulfonic acid, pKa = 7.2) was added as the buffer for pH 7.5.
Dissolved inorganic carbon (DIC) was added as NaHCO3 at a concentration of 1.0
mM for all experiments, which increased the solubility of U(VI) produced by UO2
oxidation and allowed dissolved U to reflect the total extent of UO2 oxidation. The
details of the experimental procedure of preparing the batch reactors are described in
the Supporting Information. During the experiments, pH was monitored and samples
were periodically collected and filtered with 0.02 μm polyethersulfone syringe filters
(Tisch Environmental, OH). Half of the filtrate was preserved in 2% HNO3 for total
dissolved U and Mn analysis by ICP-MS. The other half was immediately used for
Mn(III) analysis. Selected solid samples were collected for X-ray diffraction (XRD)
analysis to identify possible secondary precipitates.

6.2.3 Analysis methods
Dissolved U and Mn concentrations were measured by ICP-MS (Agilent 7500ce).
Dissolved U could be assumed to be exclusively U(VI) given the extremely low
solubility of UO2, and dissolved Mn is the sum of Mn(II) and Mn(III). Decreases in
total dissolved Mn were attributed to the formation of insoluble MnO2 unless other
secondary precipitation was noted. For Mn(III) analysis in the PP experiments, the
absorbance of filtered samples at 258 nm was measured on a UV-Vis
spectrophotometer (PerkinElmer-Lambda XLS), following a method previously used
to measure Mn(III) intermediates during the bacterial oxidation of Mn in the
presence of PP (Webb et al., 2005a). This method was selected for its simplicity and

166

low detection limit (< 5 μM, with ε258nm > 6000 M-1 cm-1). Although the absorbance
was linearly proportional to the concentration of Mn(III) concentration, adding U(VI)
(as UO2(NO3)2) in calibration standards increased absorbance, probably due to the
UV-range absorbance of U(VI)-PP (Wazer and Campanella, 1950) and U(VI)-CO3
complexes. We performed a double-variable calibration by measuring the
absorbance of a set of standards with different combinations of Mn(III) and U(VI)
concentrations (Figure S6.1 of the Supporting Information). The fact that all data
points fell on a plane suggested that the absorbances induced by Mn(III) and U(VI)
at 258 nm were independent of each other. Consequently, a double-variable linear
model was a reliable Mn(III) analytical method, given that U(VI) concentration
could be measured independently by ICP-MS. This method was verified to be
insensitive to the variation of pH (from 6.5 to 9.0) and concentrations of PP and DIC
(from 1 to 5 mM). The quantification of the Mn(III)-DFOB concentration was
enabled by the measurement of absorbance at 310 nm (ε310nm ≈ 2000 M-1 cm-1). It was
verified that the presence of U(VI) did not affect the absorbance. Solid samples were
viewed with a JEOL JSM07001 FLV scanning electron microscope equipped with an
Oxford energy dispersive X-ray spectrometer (EDXS). X-ray diffraction (XRD) was
performed on a Rigaku Geigerflex D-MAX/A diffractometer using Cu-Ka radiation.

6.2.4 Kinetic and equilibrium modeling
The kinetics of the UO2-Mn(III) reaction were modeled with a spreadsheet solver
for determining optimal parameters in the rate equations discussed below.
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Table 1. Summary of batch experiments using pyrophosphate as a Mn(III)
liganda
Exp. IDb

pHc

Mn(III) UO2 Mn(II)
PP PP:Mn(III) Rate constant k1 d
(μM)
(μM) (μM) (mM)
ratio
(L·mol-1·h-1)
Variation of Mn(III) concentrations
1
7.5
300
300
0
2
6.7
37.0 ±3.4
2
7.5
200
300
0
2
10
31.6 ±2.6
3
7.5
100
300
0
2
20
25.9 ±2.5
4
7.5
50
300
0
2
40
17.4 ±0.9
5
7.5
25
300
0
2
80
14.5 ±0.6
Variation of pyrophosphate (PP) concentrations
6
7.5
200
300
0
1.2
6
55.4 ±6.2
7
7.5
200
300
0
4
20
18.6 ±1.0
Variation of pH
8
6.5
200
300
0
2
10
112 ±13.7
9
9.0
200
300
0
2
10
23.5 ±3.1e
Control experiments
10
6.5
0
300
0
2
N.A.
N.A.
11
7.5
0
300
0
2
N.A.
N.A.
12
9.0
0
300
0
2
N.A.
N.A.
13
6.5
0
0
200
2
N.A.
N.A.
14
9.0
200
0
0
2
10
N.A.
15f
7.5
0
300
0
2
N.A.
N.A.
a
This table only summarizes the experiments involving pyrophosphate as the Mn(III)
ligand. Note that there are some experiments (shown in Figure 1b) involving DFOB.
For the consistency and conciseness of this table, DFOB experiments are not
numbered throughout the paper.
b
Experiments were performed in duplicate.
c
The pH was monitored during the experiments and varied by less than 0.1.
d
The rate constant for the UO2-Mn(III) reaction was obtained by fitting the
experimental dissolved U and Mn(III) data using the kinetic rate expression of Eqs. 5
and 6. The uncertainty indicates the range of the rate constant that yielded sum of
square of residuals within 10 % of the value obtained by the optimized rate constant.
e
The rate constant for the Mn(III)-UO2 reaction at pH 9.0 was estimated using a
model that considered Mn(III) disporportionation (see details in text). The model also
included a rate constant (k2) for UO2 reaction with MnO2 that was generated from
disproportionation.
f
A control experiment of UO2 dissolution in a fully oxic condition (PO2 = 0.21 bar).
Experiments were conducted on a laboratory bench outside the anaerobic chamber.
N.A.: Not applicable

Experimental data fitting and parameter optimization followed the approach of
residual sum of squares (RSS) minimization. Chemical equilibrium modeling was
performed using MINEQL+ (Schecher and McAvoy, 2007), in which pyrophosphate
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was added as a stable basis component species because its hydrolysis is slow at
environmentally relevant conditions in abiotic systems (Gunary, 1966).

6.3 Results and Discussion
6.3.1 UO2 dissolution: Mn(III)-PP vs. Mn(III)-DFOB
The rates of UO2 dissolution in the presence of Mn(III)-PP, Mn(III)-DFOB and
dissolved O2 can be compared in Figure 6.1. The results of Mn(III)-free control
experiments are included for reference. The concentrations of Mn(III) and dissolved
O2 were selected to be comparable in these experiments. The rapid dissolution of
UO2 in the presence of Mn(III)-PP compared with the negligible dissolution in the
PP-only anoxic control experiment indicated that soluble Mn(III)-PP was a potent
oxidant for UO2. The UO2 dissolution rate with an initial Mn(III)-PP concentration
of 300 μM was six times higher than in a control experiment with 280 μM dissolved
O2 (i.e., PO2 = 0.21 bar) and an equal concentration of PP. The present comparison
was made on the basis of moles instead of electron-equivalents of oxidants. The
faster oxidation by Mn(III)-PP occurred even with Mn(III) having only 1/4 the total
oxidizing capacity of dissolved O2. Mn(III)-PP complexes may form ternary surface
complexes on the UO2 surface that could facilitate the electron transfer, while
forming such precursors may be more involved for molecular oxygen.
In contrast to the Mn(III)-PP complex, the Mn(III)-DFOB complex was not able
to induce oxidative dissolution of UO2. UO2 dissolution in the presence of Mn(III)-
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DFOB was much less than for Mn(III)-PP or dissolved O2. This was also confirmed
by the negligible change of the Mn(III)-DFOB concentration (data not shown).
Interestingly, the dissolved U concentration was higher for the experiment with
DFOB only than for the one with both DFOB and Mn(III). As a U(IV) ligand, DFOB
can promote UO2 dissolution (Frazier et al., 2005). In the presence of an equimolar
concentration of Mn(III), DFOB may be preferentially bound to aqueous Mn(III),
which limits its ability to facilitate ligand-promoted dissolution of UO2.

Figure 6.1. Batch experiments of UO2 dissolution under anoxic conditions in the
presence of 300 µM Mn(III) and 2 mM PP at pH 7.5 (red diamonds, Exp. 1) or 300 µM
Mn(III) and 300 µM DFOB (green triangles); under oxic conditions with ambient PO2 and
2 mM PP without Mn(III) (blue ×, Exp. 15). Results of anoxic, ligand-only control
experiments with 2 mM PP (yellow squares) and 300 µM DFOB (purple circles) are
included. Error bars indicate standard deviation from duplicate experiments. Panel b is a
zoom-in of panel a with a smaller y-axis range.

The contrasting results suggest that the redox activity of soluble Mn(III) is
strongly dependent on the donor group identity and ligand structure, which
determines the coordination environments of Mn(III) and their thermodynamic and
kinetic favorability with respect to U(IV) oxidation (Harrington et al., 2012b). The
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Mn(III)-DFOB complex at circumneutral pH is thought to be the hexadentate Mn(III)
complex Mn(III)HDFOB+ with three five-membered chelate rings with the
deprotonated hydroxamate groups (Duckworth and Sposito, 2005b; Duckworth et al.,
2009b). This strong hexadentate coordination may limit the ability of the Mn(III)
complex to associate with UO2 surface to enable electron transfer. Frazier et al.
found that a Fe(III)-DFOB complex also could not promote UO2 dissolution, and
they attributed that to the diminishing reduction potential of the Fe(III)/Fe(II) pair
induced by the strong complexation effect (Frazier et al., 2005). Stewart et al.
recently reported a similar inhibitory effect of strong Fe(III) chelators on UO2
oxidation by ferrihydrite (Stewart et al., 2013). Thermodynamic constraints of UO2
oxidation by Fe(III) have previously established that the energetic favorability of
UO2 oxidation by Fe(III) oxides is very sensitive to the solution chemistry and the
crystalline phases of ferric oxides (Ginder-Vogel et al., 2006). Our comparative
analysis of the redox couples of UO2 and various Mn oxides indicated that the redox
reaction of UO2 and Mn(III, IV) oxides is thermodynamically favorable over a much
wider range of environmental conditions than for the reaction between UO2 and
ferric oxides (Wang et al., 2013c). Electrochemical and equilibrium analysis by
Duckworth and Sposito (Duckworth and Sposito, 2005b) reported a stability constant
of the Mn(III)HDFOB+
HDFOB2− + Mn3+ ⇌ Mn(III)HDFOB+

LogK = 29.9 ±0.5

(1)

Eh = 0.176 ±0.003 V

(2)

and a standard reduction potential
Mn(III)HDFOB+ + e− ⇌ Mn(II)HDFOB+
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in which the +1 charged complexes were expected to be the dominant Mn species for
the +III and +II oxidation states at circumneutral pH, respectively. This reduction
potential is still much higher than the calculated reduction potential for the redox pair
UO2(CO3)22−/UO2(s) of −0.1005 V at pH 7.5 with 1 μM U(VI) and 1 mM DIC, where
UO2(CO3)22− and HCO3− represent the dominant U(VI) and inorganic carbon species.
Therefore, the inability of Mn(III)-DFOB to promote UO2 dissolution observed in
the present study may be attributed to a combined effect of the structural hindrance
of the coordination of DFOB-surrounded Mn(III) with the UO2 surface, the
diminishing thermodynamic driving force, and the competition between Mn(III) and
surface U(IV) for DFOB. Because the dissolution of UO2 was not accelerated by
Mn(III)-DFOB and would also not be anticipated to occur over a range of conditions,
the subsequent discussion focuses on the effects of water chemistry on UO2
oxidation by Mn(III) pyrophosphate.

6.3.2 Stoichiometry and reaction kinetics
For experiments using pyrophosphate (Table 6.1), the anticipated electron
equivalent balance predicts a 2:1 ratio between the consumption of Mn(III) and
production of U(VI).
UIV(s) + 2MnIII(aq) = UVI(aq) + 2MnII(aq)

(3)

In all the experiments at pH 7.5, the production of dissolved U(VI) was accompanied
by a corresponding decrease in Mn(III) concentration towards zero at a rate of twice
the amount of U(VI) production (Figure 6.2). The concentrations of total dissolved
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Figure 6.2. Batch experiments of UO2 (300 µM) dissolution under anoxic conditions at pH
7.5 in the presence of various Mn(III) and PP concentrations (Exps. 1 to 7 for panels a to
g). Results from an anoxic Mn(III)-free control experiment (Exp. 11) are included for
comparison. Experimental data and model simulations are shown as symbols and lines,
respectively. Experimental conditions and results are summarized in Table 1.

Mn were consistently unchanged from their initial loadings. No particulate form of
Mn was involved in the reactions between Mn(III) and UO2, suggesting that
pyrophosphate-stabilized Mn(III) can oxidize UO2 without forming MnO2 through
disproportionation.
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The temporal evolution of Mn(III) concentrations were found to be consistent
with a second order rate equation as
R  k1[UO2][Mn(III)]

(4)

where R is a reaction rate (i.e., UO2 dissolution rate in mol∙L−1∙h−1), [UO2] and
[Mn(III)] denote concentrations in mol/L as a function of time, k1 is a rate constant
for the UO2-Mn(III) reaction that could be determined by fitting the experimental
data. The value of k1 may be a function of water chemistry parameters that affect the
speciation and stability of Mn(III). In the absence of Mn(III) disproportionation (as
for the results shown in Figure 6.2), the stoichiometry links the changes in
concentrations of U(VI) and Mn(III)
R

d [U(VI)]
1 d[Mn(III)]

dt
2
dt

(5)

The constraint of stoichiometry with known initial conditions allowed the separation
of Eq. 2 as two independent linear differential equations for solving [U(VI)] and
[Mn(III)]
d [U(VI)]
 k 1 [UO2]0  [U(VI)][Mn(III)]0  2[U(VI)]
dt
d[Mn(III)]
[Mn(III)]0  [Mn(III)] 

 2k 1  [UO2]0 
 [Mn(III)]
dt
2



(6)
(7)

where [UO2]0 and [Mn(III)]0 denote initial concentrations (mol/L). Analytical
solutions to [U(VI)] and [Mn(III)] as a function of time are given as

[U(VI)] 





[Mn(III)]0[UO2]0 exp  k 1t [Mn(III)]0  2[UO2]0    1

[Mn(III)]0 exp  k 1t [Mn(III)]0  2[UO2]0    2[UO2]0
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(8)

[Mn(III)] 

 2[UO2]0  [Mn(III)]0 [Mn(III)]0
2[UO2]0 exp  k 1t  2[UO2]0  [Mn(III)]0    [Mn(III)]0

(9)

Equations 8 and 9 were used to simulate the experimental data of U(VI) and
Mn(III) simultaneously with k1 as the only optimization parameter. The fitting
accounted for the production of U(VI) that could occur in the absence of Mn(III) as
determined from Mn(III)-free control experiments. Because the change in Mn(III)
concentration as it was reduced to Mn(II) was twice the change in U(VI)
concentration due to oxidation of U(IV), a weighting factor of 1/4 was applied in the
calculation of the residual sum of squares for [Mn(III)] results. In the present model,
solid concentrations were quantified using mol/L and not m2/L. As the UO2 dissolves,
both the mol/L and m2/L of UO2 decrease. The decreases are not completely
proportional, but the deviation from linearity over the conditions studied was verified
to be negligible. The excellent fit of both [U(VI)] and [Mn(III)] data (Figure 6.2)
validated the capability of the simple kinetic model to describe UO2 oxidative
dissolution by Mn(III) complexed by pyrophosphate. Fitting the experimental data
using a kinetic model was helpful for comparing the reactivity of PP-stabilized
Mn(III) for UO2 oxidation at different water chemistry conditions.

6.3.3 Effect of PP:Mn(III) ratio
An increase in the ratio of PP to Mn(III) appeared to decrease the reactivity of
soluble Mn(III) in oxidizing UO2. Although the kinetic model (Eq. 2) could fit the
individual datasets from experiments at different initial Mn(III) concentrations
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(Figures 6.2a to 6.2e), the second order rate constant determined for each dataset was

Figure 6.3. Second order rate constants for Mn(III)-UO2 reaction at different PP:Mn(III)
ratios. The included results are from experiments at pH 7.5. Error bars indicate the ranges
of the rate constants that yielded sum of square of residuals within 10 % of the optimized
value.

systematically lower at lower initial Mn(III) concentrations (i.e., higher PP:Mn(III)
ratios) (Figure 6.3). In addition to the experiments with fixed PP loading and varied
Mn(III) concentrations, the results from experiments with varied PP concentrations
(Figures 6.2f and 6.2g) also indicated that the rate constants were influenced by the
PP:Mn(III) ratio (Figure 6.3). When the PP:Mn(III) ratio was larger than 40, the rate
constant became insensitive to the ligand-to-metal ratio; even at this great excess of
stabilizing ligand, Mn(III) complexed by pyrophosphate was still an effective
oxidant for UO2. When the PP:Mn(III) ratio decreased from 40 to 6, the reactivity of
Mn(III) increased dramatically with the rate constant tripling. The reactivity of
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Mn(III) with lower PP:Mn(III) could not be experimentally evaluated due to the need
for some excess ligand to keep Mn(III) in solution (Wang and Stone, 2008).
The effect of PP:Mn(III) ratio on Mn(III) reactivity is probably related to Mn(III)
speciation with variations in charge, protonation state, and coordination number of
the Mn(III)-PP complexes. However, the currently available thermodynamic
databases (Gordienko et al., 1970; Ciavatta and Palombari, 1983) for Mn(III)-PP
complexes were obtained from data at highly acidic conditions and have
discrepancies (Klewicki and Morgan, 1998) that preclude a conclusive quantitative
interpretation at environmentally relevant pH (Wang and Stone, 2008; Jiang et al.,
2010). Regardless of the lack of quantitative information, it was speculated (Kolthoff
and Watters, 1943; Wang and Stone, 2008) that at circumneutral pH Mn(III)-PP
complexes are likely to be in fully deprotonated forms (i.e., MnP2O7−, Mn(P2O7)25−
and possibly Mn(P2O7)39−). Higher PP:Mn(III) ratios favor the complexes with larger
ligand-to-metal stoichiometries, which may have less affinity for UO2 surfaces to
form the transition state complexes that are necessary to facilitate electron transfer.
Mn(III)-oxalate complexation, which is a better-studied system, also showed
stepwise addition of the ligand group to the Mn(III) speciation as oxalate-to-metal
ratio inceases (Taube, 1948; Wang and Stone, 2008). The effect of PP:Mn(III) ratio
on the reactivity of soluble Mn(III) in oxidizing UO2 was consistent with a recent
study on the reactivity of Mn(III) as an intermediate of permanganate oxidation of
bisphenol A in the presence of PP (Jiang et al., 2010). That study observed that PP
addition to low concentrations could increase the exposure of bisphenol A to soluble
Mn(III) and enhance the overall oxidation rates but that further increases of PP
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concentration decreased the reactivity of Mn(III). Strong dependence of Mn(III)
reactivity on ligand-to-metal ratio may be anticipated for other low-molecular-mass
phosphonate- and carboxylate-based chelating agents.

6.3.4 Effect of pH
The oxidative UO2 dissolution by PP-stabilized Mn(III) is critically affected by
pH. The results of the experiments at pH 7.5 described above suggested that soluble
Mn(III) could oxidize UO2 without involving any solid form of Mn. However, the
time variation of total soluble Mn at pH 6.5 and pH 9.0 contained features that can
be explained by two different types of Mn precipitation (Figure 6.4). In addition,
different kinetic behaviors were observed for both U(VI) production and Mn(III)
consumption at pH 6.5 and 9.0 than at 7.5. For pH 6.5, the kinetic model (Eqs. 5 and
6) yielded excellent fits of [U(VI)] and [Mn(III)] results with a rate constant that is
larger than the one for pH 7.5 by a factor of 4. This is consistent with a recent study
(Jiang et al., 2011) of estradiol oxidation by Mn(III)-PP complexes at varied pH.
Based on the existing thermodynamic information of PP and Mn(III) (i.e.,
Mn(P2O7)x−(4x-3), x = 1 to 3), lower pH was qualitatively expected to favor the
formation of Mn(III)-PP complexes with smaller PP-to-Mn(III) stoichiometry that
would allow larger amounts of uncomplexed or weakly complexed Mn(III) due to
the protonation of PP. These Mn(III) species may be more reactive and more
accessible oxidants for UO2. Before soluble Mn(III) was completely consumed
(about 30 hours), total soluble Mn was stable at its initial concentration, but then the
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Figure 6.4. Batch experiments of UO2 dissolution under anoxic conditions in the presence
of Mn(III)-PP complex at (a) pH 6.5 and (b) pH 9.0. Refer to Figure 2(b) for the
corresponding results at pH 7.5. Other fixed experimental conditions are 2 mM PP, 1 mM
DIC, 300 μM UO2 and 200 μM Mn(III). Results of control experiments in the absence of
Mn(III) are included (squares). Experimental data and model simulations are shown as
symbols and lines, respectively. The model simulation of the data at pH 9.0 was different
than at other pH values because of the need to account for Mn(III) disproportionation and
subsequent oxidation of UO2 by both Mn(III)-PP complex and MnO2.

total soluble Mn decreased precipitously. The consumption of Mn(III) produces
Mn(II), which is generally considered to be soluble. However, in the presence of
pyrophosphate a Mn(II) pyrophosphate solid can precipitate once the solution
becomes saturated. An instantaneous decrease of dissolved Mn concentration was
observed in a control experiment started with Mn(II) instead of Mn(III) (Figure 6.5a).
XRD characterization of the final solids after the experiments at pH 6.5 indicated
that Mn2P2O7 had precipitated (Figure S6.2 of the Supporting Information).
Secondary precipitates with a long (> 10μm) and thin plate morphology were
observed in SEM images and were confirmed by EDXS with a consistent elemental
fraction of Mn and P (Figure S6.3 of the Supporting Information). Chemical
equilibrium modeling over a wide pH range also predicted the highest degree of
supersaturation of this Mn(II) pyrophosphate mineral at pH 6.5 (Table S6.1 and
Figures S6.4 in the Supporting Information).
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The UO2-Mn(III) reaction at pH 9.0 involved reactions of Mn(IV) oxides
produced from Mn(III) disproportionation in addition to reactions with the Mn(III)PP complex. The rate of UO2 dissolution at pH 9 (Figure 6.4b) was slightly lower
than at pH 7.5 (Figure 6.2b). The total dissolved Mn concentration decreased
immediately with formation of MnO2 as brown particles. As the reaction proceeded,
the total dissolved Mn concentration gradually recovered to its initial levels with the
brown color fading out. This trend can be explained by the generation of MnO2 from
Mn(III) disporportionation that was subsequently reduced to soluble Mn(II) by UO2.
A UO2-free control experiment with 200 μM Mn(III) at pH 9.0 (Figure 6.5b)
confirmed the disproportionation of Mn(III), in which dissolved Mn(III) and total
dissolved Mn decayed exponentially and eventually leveled off, which is also
consistent with an earlier study (Klewicki and Morgan, 1998).

Figure 6.5. Control experiments under anoxic conditions in the absence of UO2. Panel a
shows the decrease of dissolved Mn concentration due to Mn2P2O7 precipitation in an
experiment starting with 200 μM Mn(II) at pH 6.5 (Exp. 13). Panel (b) shows Mn(III)
disproportionation in an experiment starting with 200 μM Mn(III) at pH 9.0 (Exp. 14).

Modeling the reaction involving UO2 and Mn(III) at pH 9.0 accounted for
additional reactions of Mn(III) disproportionation
2MnIII(aq) = MnIV(s) + MnII(aq)

(10)
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in which two moles of Mn(III) yield one mole of MnO2, and the subsequent UO2MnO2 reaction
UIV(s) + MnIV(s) = UVI(aq) + MnII(aq)

(11)

The stoichiometry of Mn(III) disproportionation was confirmed by the results of the
control experiment (Figure 6.5b) and the disproportionation rate (Rd) could be
modeled using the following rate expression with parameters obtained by
simultaneously fitting the concentrations of Mn(III) and MnO2.

  [Mn(III)]

 1
kd 
Rd    [Mn(III)]ss 
0


if [Mn(III)]  [Mn(III)]ss

(12)

if [Mn(III)]  [Mn(III)]ss

where kd (126.7 μM·h−1) is the disproportionation rate constant and [Mn(III)]ss (44.2
μM) is the observed concentration at which Mn(III) leveled off in the control
experiment. The disproportionation reaction was assumed to be irreversible. The rate
of the UO2-MnO2 solid-solid reaction could be assumed to be k2[UO2][MnO2] (k2 is a
second order rate constant in L·h−1·mol−1) given that the MnO2 concentration was
small relative to UO2 (Wang et al., 2013c). A set of non-linear differential equations
were then used to model the temporal variation of [Mn(III)], [U(VI)] and [MnO2].
d [Mn(III)]
  Rd  2k 1[UO2][Mn(III)]
dt
d [U(VI)]
 k 1[UO2][Mn(III)]  k 2[UO2][MnO2]
dt
d [MnO2] 1
 Rd  k 2[UO2][MnO2]
dt
2

The equations were solved numerically with k1 and k2 varied simultaneously to fit the
experimental data of [Mn(III)], [U(VI)] and [MnO2]. The model yielded excellent
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(13)
(14)
(15)

simulations of the experimental results, including the rapid accumulation and
subsequent disappearance of MnO2 (Figure 6.4b). Although the single dataset might
not enable conclusive determination of the rate constants k1 and k2, the present
analysis illustrates the role and dynamics of Mn(III) disproportionation coupled with
oxidation of UO2. An improved understanding of the speciation and thermodynamics
of ligand-stabilized Mn(III) would be valuable for predicting its kinetic behavior as
an environmental oxidant.

6.4 Environmental Implications
Given the emerging evidence of its presence in environments with oxic/anoxic
interfaces, soluble Mn(III) may be important in the coupling of Mn redox cycling to
the oxidation of U(IV). The results of the present study highlight the delicate balance
that governs the significance of soluble Mn(III) in biogeochemical redox processes.
On the one hand, ligands can facilitate the mobilization of Mn(III), which may
circumvent the physical contact barrier separating UO2 and Mn oxides (Wang et al.,
2013c). As an intermediate of Mn bio-oxidation and bio-reduction, soluble Mn(III)
complexed with pyrophosphate might be kinetically more reactive than dissolved O2,
which may explain the enhancement of UO2 oxidation in the presence of active
microbial Mn oxidation (Chinni et al., 2008). Furthermore, the UO2-MnO2 reaction
may be passivated by the adsorption of reaction products to MnO2 (Wang et al.,
2013c), which can retard the transport of U(VI) and mitigate the antagonistic effect
of Mn on U stability (Wang et al., 2013b). In comparison, soluble Mn(III) could
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directly oxidize UO2 without involving any solid forms of Mn that could adsorb the
U(VI) produced. On the other hand, too strong of Mn(III) complexation, e.g., by
siderophore compounds, can make the Mn(III) inert with respect to heterogeneous
electron transfer with other redox-active species.
The present results also highlight the general value of improving our knowledge
of the environmental occurrence, chemical speciation, redox activity and biological
roles of aqueous Mn(III). This challenge is related to the complexity of the Mn(III)
ligands in natural and engineered aquatic environments that include a large family of
biogenic siderophore compounds and their breakdown products and a variety of
synthetic chelators that may be introduced as scale inhibitors, pharmaceuticals and
herbicides. The behavior of Mn(III) as an oxidant observed in this study could be
applicable to the impacts of biogeochemical coupling of Mn on the fate and transport
of other redox-sensitive elements.
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Chapter 6 Supporting Information
Additional information (including 4 figures, 1 table, and additional details of the
experimental procedure) is available.

Preparation of the batch reactor for UO2 dissolution experiments
In experiments that involved the addition of the Mn(III) stock solution and UO2, a
particular order of reagent addition was followed. The reactor was first prepared with
additions of dissolved inorganic carbon, buffer (if applicable), additional amount of
ligand (for PP if applicable), and the necessary volume of ultrapure water. The pH
was then adjusted to the desired value, followed by the addition of UO2 solids.
Finally, Mn(III) stock solution was added upon vigorous mixing. The pH of the final
solution was checked and then re-adjusted if needed.
Our laboratory experience indicated that the order of addition of Mn(III)pyrophosphate stock solution and the additional amount of pyrophosphate is a
critical factor to prevent the Mn(III) complexed by pyrophosphate from
disproportionating. If a small volume of the stock solution that contained 10 mM
Mn(III) and 50 mM pyrophosphate was directly added into a solution without preadded pyrophosphate, then disproportionation (within 24 hours) occurred even at pH
7.5. This disproportionation was not originally expected because the final
composition of the mixed solution would still maintain the 5:1 ligand-to-metal ratio.
When the small volume of the stock solution was added to a solution that contained
pyrophosphate at a concentration no less than the target concentration of Mn(III),
then the final solution could maintain its stability against disproportionation. The
mechanistic reason for such phenomena is currently unknown. For the Mn(III)DFOB system, directly diluting the stock solution that contained 5 mM Mn(III) and
5 mM DFOB into a DFOB-free, pH pre-adjusted (and buffered) solution did not
have any issue of disproportionation.

184

Absorbance

1.6
1.2

0.8
0.4

200
150
100
50

50

0

100

150

200

250

300

Figure S6.1. Calibration for the spectrophotometric measurement (258 nm) of soluble
Mn(III)-PP complex in the presence of varied concentrations of U(VI). A calibration curve
(in μM) was obtained as Abs = 0.0166 + 0.00207 [U(VI)] + 0.00630 [Mn(III)] (R2 = 0.9998).
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Figure S6.2. X-ray diffraction pattern of the solid sample from the experiment conducted at
pH 6.5 (Exp. 8).
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Figure S6.3. SEM images of the solid sample from Exp. 8. The EDXS analysis in the
highlighted area in Panels a and b are shown in Panels c and d, respectively.
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Figure S6.4. Equilibrium modeling of 200 μM Mn(II) speciation in the presence of 1 mM
DIC and 2 mM pyrophosphate. Equilibrium constants used in the modeling are presented in
Table S6.1.
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Table S6.1. Equilibrium reactions involved in the Mn(II)-pyrophosphate-carbonate
system
Equilibrium reactions
Mn + H2O ⇌ MnOH+ + H+
Mn2+ + 3H2O ⇌ Mn(OH)3− + 3H+
Mn2+ + 4H2O ⇌ Mn(OH)42− + 4H+
Mn2+ + H+ + CO32− ⇌ MnHCO3+
Mn2+ + CO32− ⇌ MnCO3(aq)
Mn2++ CO32− ⇌ MnCO3(s)
Mn2+ + 2H2O ⇌ Mn(OH)2(s) + 2H+
P2O74− + 4H+ ⇌ H4P2O7
P2O74− + 3H+ ⇌ H3P2O7−
P2O74− + 2H+ ⇌ H2P2O72−
P2O74− + H+ ⇌ HP2O73−
Mn2+ +P2O74− ⇌ MnP2O72−
2Mn2+ +P2O74− ⇌ Mn2P2O7(s)
2+

CO32− + 2H+ ⇌ H2CO3*
CO32− + H+ ⇌ HCO3−
H2O ⇌ OH− + H+
a. From MINEQL+ database (Schecher and McAvoy, 2007).
b. From Fouillac and Criaud, 1984 (Fouillac and Criaud, 1984).
c. From McElroy and Glass, 1951 (McElroy and Glass, 1951).
d. From Bilinski, 1983 (Bilinski, 1983).
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Log K
−10.597a
−34.8 a
−48.288 a
12.279 b
4.1 b
10.58 a
−15.194 a
18.9 c
18.0 c
16.0 c
9.4 c
6.51 d
17.24 d
16.681 a
10.329 a
−13.997 a

Chapter 7. Effects of Mn(II) on the
Dissolution of UO2 under Anoxic and
Oxic Conditions
Results of this Chapter are being prepared for a manuscript to be submitted to
Environmental Science & Technology

Abstract
Groundwater composition and coupled redox cycles can affect the long-term
stability of U(IV) products from bioremediation. Mn(II) is a redox active cation that
is at appreciable concentrations at U-contaminated sites. The effects of Mn(II) on
UO2 dissolution in both oxic and anoxic systems were investigated using batch and
continuously stirred tank reactors. Under anoxic conditions Mn(II) inhibited UO2
dissolution, which is probably due to decreased exposure of U(IV) surface sites to
oxidants caused by Mn(II) adsorption and precipitation of MnCO3. In contrast, Mn(II)
promoted UO2 dissolution under oxic conditions through Mn redox cycling.
Oxidized forms of Mn produced by oxidation of Mn(II) by O2 could oxidatively
dissolve the UO2 more rapidly than the O2 by itself. At pH 8 the Mn cycling was
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such that there was no measurable accumulation of particulate Mn oxides, but at pH
9 the UO2 dissolution rate was faster and there was evidence for achieving a steadystate concentration of Mn oxides, which also acted to adsorb some of the U(VI)
produced by UO2 oxidation. With the rapid turnover of Mn in the redox cycle,
concentrations of Mn as low as 10 µM could maintain the enhanced UO2 dissolution
rate. The presence of the siderophore desferrioxamine B suppressed the promotional
effect of Mn(II) by stabilizing Mn(III) intermediate species, which effectively
decoupled the redox interactions of uranium and manganese.

7.1 Introduction
Uranium contamination of soil and groundwater is a legacy of past production
and waste disposal activities associated with nuclear weapons development, and it is
a continuing concern associated with the mining, milling and processing of materials
for the nuclear power industry. As a promising in-situ bioremediation strategy,
microbial reduction of soluble U(VI) to U(IV) can produce biogenic UO2 as well as
other low solubility U(IV) species (Bargar et al., 2008; Bernier-Latmani et al., 2010;
Fletcher et al., 2010; Bargar et al., 2013). The longevity of UO2 with respect to
dissolution and re-oxidation is critical to the effectiveness of uranium bioremediation.
Therefore, understanding the kinetics and mechanisms of UO2 dissolution at
environmentally relevant conditions is necessary for the optimal design of microbial
bioremediation strategies. This knowledge can also aid the long-term stewardship of
spent nuclear fuel in geological repositories.
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The biogeochemical conditions in groundwater can profoundly impact the
dissolution kinetics of UO2. Dissolved oxygen (DO) and dissolved inorganic carbon
(DIC) can promote the dissolution of UO2 by enhancing the oxidation of UO2 surface
to U(VI) species and facilitating the detachment of labile U(VI) species from the
UO2 surface (dePablo et al., 1996; Ulrich et al., 2009). The impact of groundwater
cations on UO2 dissolution has been less characterized. Possible interactions between
UO2 and non-redox-active cations are adsorption and/or surface precipitation. Singer
et al. showed that Zn2+ can adsorb to UO2 as bidentate edge-sharing inner-sphere
surface complexes (Singer et al., 2009a). Santos et al. reported an inhibitory effect of
Ca2+ on UO2 dissolution induced by hydrolysis-induced oxidants, and attributed it to
the adsorption of Ca2+ on the UO2 surface that either suppressed the formation of a
hydrolyzed U(VI) surface species that was the precursor to dissolution or blocked the
access of protons to the surface (Santos et al., 2006). A recent investigation (Cerrato
et al., 2012) found that UO2 dissolution at both oxic and anoxic conditions was
inhibited by Ca2+ and Zn2+ at concentrations that are relevant to contaminated sites.
Solid characterization based on X-ray absorption spectroscopy and electron
microscopy suggested that a Ca-U(VI) phase and a Zn carbonate (hydrozincite,
Zn5(CO3)2(OH)6) phase, respectively, precipitated and coated the UO2 surfaces.
Overall, the inhibitory effects of non-redox-active divalent cations are caused by
adsorption and surface precipitation reactions that block the access of oxidants to
U(IV) sites.
As a redox-active divalent cation, Mn2+ may have more complex effects on the
dissolution kinetics of UO2 that may depend on biogeochemical redox conditions.
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Groundwater Mn(II) is at appreciable concentrations at uranium contaminated sites;
up to 20 μM soluble Mn concentration was reported at former uranium mill tailings
site at Rifle, Colorado (Campbell et al., 2011). Seasonal fluctuations of the water
table lead to oscillation of the redox condition. The spring water table rise delivers
dissolved oxygen to sub-oxic groundwater, while the drop of the water table during
the fall and winter has dropping dissolved oxygen. The dissolved Mn concentration
in the Rifle groundwater showed a remarkable inverse correlation with the dissolved
oxygen concentration as well as the height of the water table, indicating dynamic
seasonal Mn redox cycling (Zachara et al., 2013). Analogously to Ca2+ and Zn2+,
adsorption and/or precipitation of Mn2+ at the UO2–solution interface may inhibit
UO2 dissolution. On the other hand, Mn(II) oxidation to Mn(III) or Mn(IV) species
may provide oxidants that are kinetically more reactive than molecular oxygen
(Fredrickson et al., 2002a; Liu et al., 2002; Chinni et al., 2008; Wang et al., 2013c).
Even

at

low

dissolved

oxygen

concentrations,

oxidation

of

Mn(II)

is

thermodynamically favorable and can be catalyzed by Mn oxidizing microorganisms
(Tebo et al., 2004), mineral surfaces (Junta and Hochella, 1994; Morgan, 2005), and
strong Mn(III) ligands (Klewicki and Morgan, 1998; Duckworth and Sposito, 2005b).
Active biological Mn oxidation could couple with the oxidation of U(IV) (Chinni et
al., 2008) and Cr(III) (Wu et al., 2005; Murray and Tebo, 2007; He et al., 2010)
minerals to promote their oxidative dissolution. A recent study reported that abiotic
heterogeneous Mn(II) oxidation on Cr(OH)3(s) surfaces also resulted in substantially
faster oxidative dissolution of Cr(OH)3 (Namgung and Lee, 2011).
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The objective of this study was to evaluate the abiotic effects of Mn(II) on the
kinetics of UO2 dissolution. This evaluation was pursued to gain insights into the
mechanisms of U(IV) reactions with redox-active cations in subsurface environments.
The central hypothesis was that Mn(II) has contrasting effects on UO2 dissolution
under anoxic and oxic conditions. Dissolution experiments at oxic and anoxic
conditions with varied Mn(II) concentration and pH, and solid characterizations were
performed to test the hypothesis.

7.2 Materials and Methods
7.2.1 Materials
All commercial reagents used in this study were certified analytical grade
without further purification. Synthetic uraninite (Syn-UO2) was prepared by heating
studtite (UO2O2(H2O)2·2H2O) in a continuous flow of pure hydrogen at 400 °C as
described previously (Ulrich et al., 2009). The raw UO2 particles were washed with
0.5 M NaHCO3 and then rinsed with anoxic ultrapure water. This synthesis yielded
crystalline uraninite, as indicated by the X-ray diffraction pattern. The UO2 material
was previously characterized as having 600-800 nm particles with a specific surface
area of 5.9 m2/g. Various stock solutions were prepared using H2-sparged anoxic
ultrapure water (resistivity >18.2 MΩ·cm) and stored in an anaerobic chamber (Coy
Laboratory Products Inc., MI) where the composition of O2 was controlled below 1
ppm and H2 concentration between 2 and 5% (v/v). A Mn(II) stock solution was
prepared

with

manganese

chloride

solid
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(MnCl2).

Desferrioxamine

B

(C25H46N5O8NH3+, DFOB, >92.5%, Sigma-Aldrich), which is an environmentally
relevant trihydroxamate siderophore (Duckworth and Sposito, 2005b; Bi et al., 2010),
was used in selected experiments.

7.2.2 UO2 dissolution experiments
The experimental conditions are summarized in Table 7.1. All experiments were
performed at a constant temperature (22 °C) with reactors shielded with aluminum
foil to avoid potential photochemical redox reactions of Mn that could generate
reactive oxygen species. Batch and continuously-stirred tank reactors (CSTRs)
experiments were performed. The advantages of batch experiments are that they (1)
are easier to operate for a long durations, (2) are more likely to yield detectable
changes of the solids, and (3) have more compact experimental setups, which is
beneficial for running experiments at the strictly anoxic conditions in the anaerobic
chamber. A unique advantage of CSTR experiments is that reaction products are
continuously flushed out of the reactors, which avoids accumulation of reaction
products via adsorption and precipitation processes that may limit dissolution rates.
For UO2 dissolution, such issues have to be accounted for under oxic conditions
where larger extents of dissolution are expected, while they may not be significant
for anoxic experiments where dissolved uranium remains low. Ultimately, CSTRs
provide a better means of quantifying dissolution rates while batch reactors offer
advantages for studying the effects of interfacial processes on dissolution
mechanisms. Given the consideration above, all anoxic experiments (Exp. 1-4) were
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performed using batch reactors in an anaerobic chamber. The experiments under oxic
conditions were performed with both batch (Exp. 5-11) and CSTR (Exp. 12-15).
Batch experiments under anoxic condition were performed in the anaerobic
chamber. The reactors (30 mL) were completely mixed with magnetic stir bars and
their solutions were equilibrated with the anoxic atmosphere in the glovebox
overnight or longer. Anoxic ultrapure water was prepared by sparging with H2 in the
presence of a Pd catalyst and then used to prepare the solutions. MOPS (3-(Nmorpholino)propanesulfonic acid, pKa = 7.2) was used as the pH buffer at a
concentration of 5 mM. Dissolved inorganic carbon (DIC) was added with NaHCO3
at a concentration of 1.0 mM. Samples were periodically collected, filtered with 0.02
μm polyethersulfone (PES) syringe filters (Tisch Environmental, OH), and preserved
in 2% HNO3 for dissolved U and Mn analysis. Oxic batch experiments were
performed on a laboratory bench. The ultrapure water used in the oxic batch
experiments was sparged with air (PO2 = 0.21 bar) for at least 30 min and the
dissolved oxygen concentration was within 2% of saturation as measured by a DO
probe (ProODOTM, YSI Inc.). The oxic batch experiments were conducted in a
similar manner with the anoxic experiments conducted in the anaerobic chamber.
Oxic batch experiments included a set done at pH 9 in which 5 mM CHES (2(cyclohexylamino)ethanesulfonic acid, pKa = 9.3) was used as the buffer. Solid
samples were collected from the reactors as suspensions at the end of the
experiments. The suspensions were centrifuged, which yielded concentrated pastes
that were dried in a desiccator in an anaerobic environment.
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Oxic CSTR experiments were conducted using Tedlar® bags as the influent
reservoirs. MOPS (1.0 mM) was used as the buffer for pH 7.7 and CHES (1.0 mM)
was used for pH 8.6. NaHCO3 was added to provide a fixed DIC concentration (1.0
mM). Solid particles were retained in the reactor (40 mL) by a 100 nm polycarbonate
filter (IsoporeTM, Millipore). Two levels of oxic conditions (PO2 = 0.01 and 0.21 bar)
were investigated using CSTR experiments. For the fully oxic (PO2 = 0.21 bar)
experiments air-sparged ultrapure water was used to prepare the influent solution
prior to being pumped into Tedlar bags. For the experiments at PO2 = 0.01 bar, the
influent solutions, with pre-adjusted pH buffered by 1 mM MOPS or CHES, were
pumped into Tedlar bags while being vigorously purged by a gas mixture of 1% O2
and 99% N2. The dissolved O2 (DO) concentrations of the solution being pumped
into the Tedlar bags stabilized around 0.45 mg/L as monitored by a DO probe.
Aliquots of anoxic concentrated NaHCO3 were injected into the bags to provide
desired concentrations of dissolved inorganic carbon. All CSTR experiments were
performed with freshly prepared influent solutions. A peristaltic pump provided an
influent flow rate of 1.3 mL/min, yielding a 30-min hydraulic residence time (τ).
After 40 residence times, the influents were switched from Mn(II)-free solution to
Mn(II)-containing solution. The Mn(II)-containing solutions were prepared
following the same procedures for Mn(II)-free solutions, so the only difference
before and after the switch was the Mn(II) concentration. The switch of the influent
solutions was enabled by valves that minimized perturbation of the steady hydraulic
conditions. The effluent pH and flow rates were monitored and effluent samples
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were periodically collected over 120 hours and immediately preserved in 2% HNO3
for dissolved U and Mn analysis.

7.2.3 Adsorption experiments of Mn(II) onto UO2
Batch Mn(II) adsorption experiments were performed in the anaerobic chamber.
The solution was buffered at pH 8 with 5 mM MOPS. No DIC was added in the
adsorption experiments to avoid any Mn precipitation. A wide range of total Mn(II)
loadings were equilibrated with 1 mM UO2 solids for 24 hours, which was found to
be sufficient for equilibration while having minimal UO2 dissolution. Samples were
filtered (0.02 μm) and preserved in 2% HNO3 for dissolved Mn and U analysis.

7.2.4 Analysis methods
The pH of solutions and suspensions was measured with a glass pH electrode
(Accumet). Dissolved U and Mn concentrations were measured by inductively
couple plasma mass spectrometry (ICP-MS) (Agilent 7500ce). The detection limits
for U and Mn were 0.01 and 0.1 μg/L, respectively. Scanning electron microscopy
(SEM) images of the solid samples were obtained on a JEOL JSM07001 FLV SEM
equipped with an Oxford energy dispersive X-ray spectrometer (EDXS). X-ray
diffraction (XRD) was performed on a Rigaku Geigerflex D-MAX/A diffractometer
using Cu-Ka radiation.

7.2.5 Dissolution rate calculation
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The dissolution rates of UO2 in anoxic batch experiments were estimated by
linear regression of the dissolved U concentration from Day 1 to Day 7 (eq. 1). The
R2 values of the regressions were all larger than 0.95. For the oxic condition, the
results from the batch experiments were not appropriate for dissolution rate
dissolution due to the substantial accumulation of dissolved U and possible
oversaturation of secondary U(VI) solids. Steady state dissolution rates from CSTR
experiments were calculated by a mass balance approach (eq. 1).

Rm 

Q  [U]ss
V  [UO2 ]

(1)

where Rm (mol s-1 g-1) is the dissolution rate normalized to the mass of UO2, [UO2] is
the mass concentration of UO2 in the reactor (g L-1), Q is the volumetric flow rate (L
s-1) and V is the volume of the reactor (L). [U]ss is the effluent U concentration at
steady state. For the dissolution rate calculation from the CSTR experiments, the
value of [UO2] over the steady-state period used for the rate determination was
modified from the initial solid loading by accounting for the decrease of solid
concentration caused by dissolution.

7.3 Results and Discussion
7.3.1 Anoxic condition: Batch experiments
Anoxic batch UO2 dissolution experiments at pH 8 indicated that the presence of
0.1 mM or higher Mn(II) significantly inhibited dissolution (Figure 7.1a, Exp 1-3 in
Table 7.1). The Mn(II)-free control experiment showed a liner increase of dissolved
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Table 7.1. Summary of the batch and CSTR experimental results of Mn(II) on UO2
dissolution
Exp.ID
Batcha

pH

PO2
(bar)

DIC
(mM)

<10-6
<10-6
<10-6
<10-6
0.21
0.21
0.21
0.21
0.21
0.21
0.21

1
1
1
1
1
1
1
1
1
1
1

UO2
(mM)

Initial Mn(II)
(mM)

Final Mnaqb
(%)

UO2 dissolution rate
(nmol g-1 s-1)

0.00
NA
0.0205 c
0.10
96
0.0044 c
1.00
86
0.0024 c
0.10
95
NA
0.00
NA
> 0.09 d
0.10
100
> 0.171 d
1.00
95
> 0.096 d
0.00
NA
> 0.198 d
0.01
34
> 1.016 d
0.10
16
> 0.334 d
0.10
97
NA
Influent
Effluent Ussf UO2 dissolution ratef
Exp.ID pH
PO2
DIC
UO2
Mn(II)f
(µM)
(nmol g-1 s-1)
CSTRe
(bar)
(mM) (mM)
(mM)
12A
7.7
0.21
1
1
0 → 0.10
1.60 → 2.21
3.52 → 5.51
12B
7.7
0.21
1
1
0 → 0.10
1.52 → 2.24
3.33 → 5.57
13A
7.7
0.21
1
1
0 → 1.00
1.64 → 2.10
3.61 → 5.21
13B
7.7
0.21
1
1
0 → 1.00
1.50 → 1.74
3.28 → 4.20
14A
7.7
0.01
1
1
0 → 0.10
0.36 → 0.78
0.75 → 1.70
14B
7.7
0.01
1
1
0 → 0.10
0.43 → 0.86
0.90 → 1.88
15A
8.6
0.01
1
1
0 → 0.01
0.43 → 0.81
0.90 → 1.77
15B
8.6
0.01
1
1
0 → 0.01
0.39 → 0.79
0.82 → 1.72
a. Results of batch experiments #1-11 are averages of duplicate experiments. Note that the
experiments involving DFOB (Figure 3) were not included in this table and are not numbered.
b. Final Mnaq is shown as the percentage of Mn remaining in solution after 10 days.
c. UO2 dissolution rates for anoxic batch experiments are from linear regression of concentrations
from Days 1-7.
d. The lower bounds of UO2 dissolution rates for oxic batch experiments are estimated from the initial
slopes in the first day. More appropriate quantification of UO2 dissolution rates in oxic conditions is
from CSTR experiments.
e. For CSTR experiments (#12-16), A and B indicate duplicates for individual experimental
conditions.
U
concentration at a rate of 2.05 ± 0.48 × 10−11 mol/g/s, which was close to a
f. Arrows indicate the responses of the CSTR system to the switch of influent to Mn(II)-containing
solutions. The loss of UO2 during the experiments
was considered in calculating mass normalized
previously
reported value (4.86 × 10−11 mol/g/s) obtained at similar water chemistry
rates.
1
2
3
4
5
6
7
8
9
10
11

8.0
8.0
8.0
8.0
8.0
8.0
8.0
9.0
9.0
9.0
8.0

1
1
1
0
1
1
1
1
1
1
0

conditions for chemogenic UO2 (Ulrich et al., 2009). The presence of 0.1 mM Mn(II)
suppressed the dissolution of UO2 by over an order of magnitude, with the inhibitory
effect shown in the beginning of the experiment. Further increasing the Mn(II)
concentration to 1 mM did not result in further inhibition. Even though the
dissolution experiments were performed under nominally anoxic conditions in an
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anaerobic chamber with O2 below 1 ppm, the dissolved uranium concentrations did
exceed the theoretically predicted UO2 solubility of 3.2 nM. Similar observations
have been made previously and were attributed to H2O and its radiolysis products
(e.g., trace concentrations of H2O2, O2 and radicals) serving as oxidants for UO2
(Christensen et al., 1994; Ulrich et al., 2009).
For the experiment with 1 mM Mn(II), the system was supersaturated with
respect to MnCO3, but the dissolved Mn concentration was still far from equilibrium
after 10 days (Figure 7.1b).At pH 8 with 1 mM DIC, the predicted equilibrium
solubility of rhodochrosite (MnCO3(s)) was 92 μmol/L (equilibrium constants
included in Supporting Information). This result was consistent with the reported
slow kinetics of MnCO3 precipitation and persistent supersaturation in natural
groundwater (Sternbeck, 1997; Jensen et al., 2002). However, the slow but tangible
deceasing trend of dissolved Mn concentration indicates that MnCO3 was
precipitating. At the lower Mn(II) concentration of 0.1 mM, the solution was barely
supersaturated with respect to rhodochrosite and there was no evidence for its
formation.

7.3.2 Anoxic condition: Solid characterization
XRD and SEM analysis of the final solid samples from the anoxic experiments
suggested that precipitation of MnCO3(s) was a possible mechanism for inhibition of
UO2 dissolution when MnCO3(s) was oversaturated (Figures 7.2a and 7.2b). The
XRD pattern of the solid sample from the anoxic experiment with 1 mM initial
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Figure 7.1. Batch experiments of UO2 dissolution under various conditions (Table 1).
Panels (a) and (b) present the results of Exp. 1-3. Panels (c) and (d) present the results of
Exp. 5-7. Panels (e) and (f) present the results of Exp. 8-10. The initial concentrations of
dissolved Mn were marked for the specific experiments were indicated by the horizontal
dashed lines. In Panel (e), the empty triangle symbols indicate the sum of dissolved and
bicarbonate extractable uranium for Exp. 10. Error bars indicate the standard deviations
of duplicate experiments.

Mn(II) showed a small but tangible peak that matches well with a diagnostic peak for
rhodochrosite (MnCO3). The weakness of the diffraction signal was anticipated
because the observed drop of aqueous Mn concentration would have yielded no more
than 5 wt. % of solid-associated Mn in the sample. SEM images of the sample
visualized the size (several μm) and morphology of the MnCO3 precipitates and their
association with UO2 (Figure 7.2b). The submicron (around 800 μm) particles have
characteristic morphology of chemogenic UO2. There was a distinct secondary phase
formed with morphology consistent with MnCO3 (Sternbeck, 1997). EDXS analysis
of the secondary solid suggest a Mn-enriched phase. It was evident that the smaller
UO2 particles were encapsulated into larger MnCO3 crystals; such encapsulation was
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observed for all MnCO3 crystals imaged. This encapsulation could decrease the
available UO2 surface area for dissolution. For the experiment with 0.1 mM initial
Mn(II), MnCO3 precipitation was not identified by XRD or SEM.

7.3.3 Anoxic condition: Mn(II) adsorption to UO2
Although no MnCO3 precipitation was found for the 0.1 mM Mn(II) experiment,
the inhibition of UO2 dissolution could have been caused by Mn(II) adsorption that
blocked the surface sites responsible for UO2 dissolution. Mn(II) adsorption to UO2
yielded a Langmuir isotherm (Figure S7.1). Singer et al. reported Zn(II) was sorbed
as bidentate, edge-sharing complexes to UO8 polyhedra at the surface of chemogenic
Uraninite (Singer et al., 2009a). Given the specific surface area of the UO2 (5.9 m2/g),
an assumption of bidentate surface coordination, and the observed maximum
adsorption density for Mn(II) on UO2 (5.6 μmol/m2), a surface site density of 6.7
sites/nm2 can be estimated; this matches very well with reported values (3 μmol/m 2
and 5.5 sites/nm2) for bulk uraninite from experiments of Zn sorption to UO2.(Singer et
al., 2009a) Such

a good agreement suggested that Mn(II) sorption to UO2 would occur to

a similar extent to that of Zn(II). Combining the evidence of the favorability of Mn(II)
sorption to UO2 and the observed MnCO3 precipitation at higher supersaturation, the
inhibitory mechanisms of Mn(II) on UO2 dissolution rate under anoxic condition
may be analogous to those of Zn(II) (Cerrato et al., 2012).

7.3.4 Oxic condition: Batch experiments
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At oxic conditions at pH 8, Mn(II) promoted UO2 dissolution (Figure 7.1c and
7.1d). As expected, UO2 dissolution at oxic conditions (PO2 = 0.21 bar) was at least
an order of magnitude faster than at anoxic conditions. In the presence of 0.1 mM
Mn(II), the dissolution rate of UO2 increased by a factor of two compared with the
Mn(II)-free control experiment. After 10 days, the dissolved U concentration for the
0.1 mM Mn(II) experiment was approaching the solubility of schoepite
(UO3·2(H2O)(s), Ueq ≈ 57 μmol/L at pH 8 with 1 mM DIC). The SEM image of the
sample at the conclusion of the experiment had evidence of secondary precipitation
(Figure 7.2c). The thin plate morphology was a characteristic of schoepite. When a
higher concentration of 1 mM Mn(II) was added, the promotional effect on UO2
dissolution rate was less than at 0.1 mM Mn(II).
Although oxidation of Mn at pH 8 under ambient oxic condition is
thermodynamically favorable, the measured dissolved Mn concentration in the oxic
batch experiments did not suggest accumulation of particulate Mn species. SEM and
XRD analysis of the final solid samples (data not shown) also did not identify any
precipitates of Mn. A UO2-free control experiment with 0.1 mM Mn(II) confirmed
that the abiotic homogenous oxidation of Mn at pH 8 was very slow (data not shown).
Heterogeneous oxidation of Mn at mineral surfaces could occur much faster than in
solution,(Morgan, 2005) and the UO2 surface may mediate Mn(II) oxidation. The
oxidized forms of Mn(III, IV) species produced on the surface of UO2 could serve as
additional oxidants, which may be kinetically more potent than dissolved O2.
Although the heterogeneous oxidation of Mn was expected to decrease the dissolved
Mn concentration over time, the presence of U(IV) surface sites would continuously
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Figure 7.2. Panel (a): XRD pattern of the solids from Exp. 3 and 6. Diagnostic peaks are
noted in the dashed boxes. Panel (b-d): SEM images of the solids from Exp. 3, 6 and 10,
respectively. The starts highlight the evidence of secondary mineral formation.

reduce the labile Mn(III, IV) species that are locally generated and therefore prevent
a detectable accumulation of solid forms of oxidized Mn.
Under oxic condition, increasing the aqueous Mn(II) concentration from 0.1 mM
to 1 mM did not further enhance the promotional effect but reduced it. At pH 8 the
Mn redox processes that induced the promotional effect occurred primarily at the
UO2 surfaces, so that once the UO2 surface was saturated with Mn(II), the excess Mn
in solution would not actively participate in the redox interaction.
Increasing the pH from 8.0 to 9.0 can increase the abiotic Mn oxidation rate by
two orders of magnitude(Morgan, 2005), so the effect of Mn(II) on UO2 dissolution
under oxic condition was anticipated to be more enhanced. At pH 9 Mn(II)
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concentrations as low as 10 µM enhanced UO2 dissolution (Figure 7.1e). The cycling
of Mn between Mn(II) and oxidized forms can allow a small amount of Mn to
sustain the enhanced UO2 oxidation as long as some O2 is present. Such sustained
enhancement was already known to occur with biological Mn(II) oxidation(Chinni et
al., 2008), and the present results showed that it can also occur when abiotic Mn(II)
oxidation is sufficiently fast. The dissolved Mn concentration, which was initially
added as 10 µM, decreased to 5 µM in the first 30 min, and subsequently stabilized
at 3 µM during the rest of the experiment. The low concentrations made it difficult to
differentiate adsorption and oxidation, both of which could induce loss of dissolved
Mn.
Interestingly, at pH 9 increasing the Mn(II) concentration from 10 to 100 µM did
not further enhance UO2 dissolution (Figure 7.1e), which was similar to the trend as
observed at pH 8 in going from 0.1 mM to 1.0 mM Mn (Figure 7.1c). Rapid
oxidation of Mn was observed from the immediate decrease of dissolved Mn
concentration (Figure 7.1f, 100 µM initial Mn(II)) and from the appearance of brown
particles (i.e., Mn oxides). After 2 days, the dissolved Mn concentration gradually
increased during the rest of the experiment, suggesting that Mn oxides were
subsequently reduced coupled by the oxidation of UO2. The accumulation of Mn
oxides was confirmed by SEM (Figure 7.2d). It was anticipated that the substantial
formation of Mn oxides (up to 8.7 mg/L as MnO2) could be an important sink for
oxidized U(VI), therefore bicarbonate extraction (treatment with 0.1 M NaHCO3 for
1 h in an anaerobic chamber on an end-over-end rotator) was performed to quantify
the absorbed U(VI) (Wang et al., 2013c). The bicarbonate extractable U(VI) was
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consistently around 7 µmol/L after the first day, which matched reasonably with a
value of 4.5 µmol/L predicted by a surface complexation model developed for
synthetic δ-MnO2 (Wang et al., 2013b). It cannot be ruled out that U(VI) could be
structurally incorporated into Mn oxides in the process of their precipitation, and this
fraction of U(VI) may not be bicarbonate extractable (Webb et al., 2006).

Figure 7.3. Effect of Mn(II) on UO2 dissolution rate in the presence and absence of
DFOB. The initial Mn(II) and DFOB concentrations were 100 µM. All experiments were
conducted at 1 mM UO2, pH 8.0 and 1 mM DIC. The solid square and circle symbols are
from Experiments 5 and 6, respectively.

7.3.5 Oxic condition: Effect of DFOB
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Desferrioxamine B (DFOB) deactivated the promotional effect of Mn(II) on UO2
dissolution under oxic conditions (Figure 7.3). The dissolution rate of UO2 under
different conditions followed the order of DFOB > Mn(II) > DFOB and Mn(II) ≈
UO2 only. The promotional effect of Mn(II) on UO2 dissolution, which was
identified in the absence of DFOB (Figure 7.1c), was not observed when DFOB was
added together with Mn(II) (Figure 7.3). Contrastingly, UO2 dissolved faster in the
presence of just 100 μM DFOB than in the presence of 100 μM DFOB and Mn. As a
U(IV) ligand, DFOB can promote UO2 dissolution (Frazier et al., 2005). In the
presence of an equimolar concentration of Mn(III) (from the air-oxidation catalyzed
by DFOB), DFOB may be preferentially bound to aqueous Mn(III), which limits its
ability to facilitate ligand-promoted dissolution of UO2.
The ability of DFOB to prevent the enhanced dissolution of UO2 in the presence
of Mn(II) provides indirect evidence for the proposed mechanism of Mn mediated
UO2 oxidation. As a biogenic siderophore, desferrioxamine B (DFOB) is a strong
ligand for Mn(III). It can promote the air oxidation of Mn(II) to form stable soluble
Mn(III) complexes, which prevents the further oxidation of Mn to form MnO2 The
half life of homogenous Mn(II) oxidation in the presence of ambient oxygen and
equimolar concentrations of DFOB and Mn(II) (0.5 mM) was reported to be 2.8 and
5.2 hours for pH 8.1 and 7.8, respectively (Duckworth and Sposito, 2005b),
suggesting that DFOB promoted formation of soluble Mn(III) species could be
substantial for the timescale of the present study. The results in Chapter 6 indicated
that the Mn(III)-DFOB complex was not an effective oxidant for UO2, probably due

208

to the strong hexadentate coordination that limits the ability of the Mn(III) complex
to associate with UO2 surface to enable electron transfer.

Figure 7.4. Effluent uranium (solid symbols, left axis) and manganese (empty symbols,
right axis) concentrations from the CSTR experiments. Panels (a) to (d) present results
from Experiments 12-15. Results of duplicate experiments (triangle and circle) are
shown. The lines indicate ideal CSTR behavior with constant reaction rates determined
by the steady-state effluent U concentrations.

7.3.6 Steady-state dissolution: CSTR experiments
The effects of Mn(II) on UO2 dissolution rates quantified in CSTR experiments
under oxic conditions were consistent those observed in the batch experiments.
Under ambient oxic conditions at pH 7.7, the introduction of Mn(II) induced an
immediate enhancement of UO2 dissolution (Figure 7.4a and 7.4b). The effluent
uranium concentration responded differently after the introduction of 0.1 mM versus
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1 mM Mn(II). Introduction of 0.1 mM Mn(II) led to a re-stabilized steady state with
an effluent uranium concentration that was 40% higher. In comparison, introduction
of 1 mM Mn(II) induced an initial increase of uranium release, but the subsequent
effluent uranium concentrations showed a consistent decease. These results were
consistent with the batch experiments (Figure 7.1b), that increasing the Mn(II)
concentration from 0.1 to 1 mM could not further enhance the dissolution rate of
UO2. Under moderately oxic condition (PO2 = 0.01 bar), the introduction of 0.1 mM
Mn(II) at pH 7.7 increased the UO2 dissolution rate by a factor of two (Figure 7.4c).
A CSTR experiment conducted at 0.01 bar PO2 and pH 8.6 with 0.01 mM Mn(II)
verified the ability of a low concentration of Mn(II) to sustain Mn-mediated UO2
oxidation even under low dissolved O2 concentrations (Figure 7.4d). The UO2
dissolution rates in the absence of Mn(II) under the two oxic conditions were lower
in the present experiments than in previous studies with similar material (Ulrich et al.,
2009). The differences were less than an order of magnitude. The approximately
five-time difference of the dissolution rates between the experiments at 0.01 and 0.21
PO2 was comparable to what had been observed previously.

7.4 Environmental Implications
Compared with groundwater cations that are not redox active (e.g., Ca and Zn)
(Santos et al., 2006; Cerrato et al., 2012), Mn can have more complicated effects on
U(IV) stability. This study highlighted the dual roles of Mn(II) under oxic and
anoxic condition. Beyond uranium, the present results may be applicable to other
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redox active metals in subsurface that may be considered for reductive remediation
(e.g., Cr, Np, Tc). Temporal oscillation and spatial stratification of redox conditions
are common in subsurface environments. Therefore, incorporating the effects of
Mn(II) into reactive transport models for uranium at bioremediated sites will require
coupling of the specific redox conditions with the rate equations for U(IV)
dissolution.
Although it has been established that Mn oxides can act as an oxidant for
UO2(Wang

et al., 2013c)

and that active microbial oxidation of Mn could significantly

increase the dissolution rate of UO2 (Chinni et al., 2008), the present results
demonstrated that as long as oxygen is the available, Mn(II) could promote the
dissolution of UO2 in abiotic system. With Mn behaving catalytically, the
promotional effect can be sustained even without substantial accumulation of Mn
oxides. Therefore, the role of Mn(II) is analogous to that of a catalyst; only a small
amount of Mn(II) (e.g., 10 µM, which is relevant for contaminated sites) was needed
to sustain the redox coupling of uranium and manganese. The results also suggested
that the UO2 dissolution rate as a function of Mn(II) concentration was non-linear.
Given the emerging evidence of the abundance and reactivity of Mn(III) species as
intermediates of Mn redox cycling (Madison et al., 2013; Wang et al., 2013d),
geochemical models of Mn-mediated UO2 oxidation may not be adequate if they
merely consider the UO2 oxidation by MnO2 as the final product of Mn oxidation.
While abiotic Mn oxidation can be significant at alkaline pH, biotic Mn oxidation is
expected to be much faster than abiotic process at circumneutral pH. Therefore, the
redox cycles of Mn coupled with UO2 oxidation can be enhanced by Mn oxidizing
211

microorganism. A more comprehensive model should account for the complicated
dynamics of biotic and abiotic Mn oxidation processes.
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Chapter 7 Supporting Information
Additional information (including 1 table and 1 figure) is available

Table S7.1. Equilibrium reactions and constants used to predict MnCO3(s)
precipitation.
Mn(II) speciation reactions
Log K
−10.597a
Mn2+ + H2O ⇌ MnOH+ + H+
−34.8 a
Mn2+ + 3H2O ⇌ Mn(OH)3− + 3H+
−48.288 a
Mn2+ + 4H2O ⇌ (UO2)3(OH)42− + 4H+
12.279 b
Mn2+ + H+ + CO32− ⇌ MnHCO3+
2+
2−
4.1 b
Mn + CO3 ⇌ MnCO3(aq)
10.58 a
Mn2++ CO32− ⇌ MnCO3(s)
−15.194 a
Mn2+ + 2H2O ⇌ Mn(OH)2(s) + 2H+
a. From MINEQL+ database (Schecher and McAvoy, 2007).
b. From Fouillac and Criaud, 1984 (Fouillac and Criaud, 1984).
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Figure S7.1. Isotherm of Mn(II) adsorption to UO2 at pH 8 (buffered by 5 mM MOPS). The
UO2 concentration was 1 mM. No carbonate was added to exclude the precipitation of
MnCO3(s). The line is the Langmuir isotherm that gave the best fit of the experimental data.
The equation q = qmaxKC/(1+KC), where qmax = 33.4 µmol∙m−2, K = 0.022 µM−1, was
determined by minimizing residual sum of squares.
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Chapter 8. Conclusions and
Recommendations
8.1 Conclusions
This doctoral thesis research investigated the coupling of the biogeochemical
cycles of uranium and manganese and its implications for uranium fate and transport
in subsurface environments. It contributed to the still-growing literature of uranium
biogeochemistry regarding previously underappreciated dynamics of Mn redox
cycles on uranium fate. This project provided fundamental information about various
interaction pathways between uranium and manganese that involve redox reactions,
adsorption, and precipitation. As Mn cycling impacts the fate of other reductively
remediated contaminants, the conclusions from this project are expected to extend
beyond uranium and to provide valuable insights for these other contaminants.
Specific conclusions of each task are described below.

Task 1: Determine the physical and chemical factors that
govern the kinetics and mechanisms of UO2-MnO2 interactions
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In the first task, the physical and chemical factors controlling the interaction
between UO2 and MnO2 were investigated. A comprehensive description of the
interaction was provided with various reactor techniques, spectroscopy, microscopy,
chemical extraction and modeling approaches.
Because both UO2 and MnO2 are poorly soluble minerals under relevant
subsurface conditions, the first order question is to what extent their interaction
depends on direct contact of the oxides. A multi-chamber reactor with a permeable
membrane was used to simulate the presence of a physical barrier for direct contact.
The results of aqueous analysis, spectroscopy, and transport modeling indicate that
effective redox reaction between UO2 and MnO2 requires direct contact or proximity
of the two dissimilar minerals. When direct contact is not possible, the reaction
slowly progresses through the release of soluble U(IV) with its adsorption and
oxidation on MnO2.
Continuously-stirred tank reactors (CSTR) were used to quantify the rates of UO2
dissolution induced by MnO2 and to evaluate the effects of MnO2 and dissolved
inorganic carbon concentrations. When direct contact is possible, MnO2 can
dramatically promote UO2 dissolution, but the degree of promotion leveled off once
the MnO2:UO2 ratio exceeded a critical value, which was probably governed by their
individual surface areas available for their contact. Chemical extractions indicated
substantial retention of U(VI) and Mn(II) on MnO2 surfaces. X-ray absorption
spectroscopy suggested the formation of Mn(III) phases. At higher dissolved
inorganic carbon concentrations, UO2 oxidation byMnO2 was faster and less U(VI)
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was adsorbed to MnO2. The inverse relationship suggested that U(VI) adsorption to
MnO2 may decrease the reactivity of MnO2 in oxidizing UO2.

Task 2: Evaluate the adsorption of U(VI) to chemogenic and
biogenic Mn oxides and develop predictive models that are
consistent with molecular-scale characterization
Task 2 integrated experimental measurements of U(VI) adsorption to
chemogenic and biogenic Mn oxides, surface complexation modeling (SCM), and
molecular-scale characterization of adsorbed U(VI). Handling bidentate reactions in
surface complexation model for the U(VI)-MnO2 system stimulated a comprehensive
discussion of the critical issues regarding the mass action expressions. A critical
review of the theoretical and practical aspects of this topic was presented.
The adsorption edge and isotherm data indicated that both chemogenic and
biogenic MnO2 materials are strong adsorbents for U(VI). The importance of U(VI)
adsorption to Mn oxides can be far greater than their relative abundance in soils.
Extended X-ray absorption fine structure (EXAFS) spectroscopy indicated that U(VI)
was adsorbed as inner-sphere monodentate and bidentate surface complexes. In the
presence of dissolved inorganic carbon, uranyl-carbonato ternary surface complexes
were also identified. The surface complexation model incorporated the surface
species that are consistent with the EXAFS analysis, and the model could
successfully simulate adsorption over a broad range of pH, total U(VI) and dissolved
inorganic carbon concentrations.
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The variation in mass action expression for bidentate adsorption reactions that
are used in SCM has caused persistent ambiguity and occasional mishandling. The
principal differences are the exponent (α) for the activity of available surface sites
and the use of surface site activity on a molar concentration versus fraction basis.
Setting α at two within the molar-based framework will cause critical errors. This
study synthesized the relevant theory in a style designed to enable improvements in
SCM practice, and it illustrated the implications of selecting an approach for
bidentate SCM with a previously published dataset. Practical suggestions were
presented for future SCM publications to avoid ambiguity or confusion.

Task 3: Investigate the interaction between soluble Mn species
(trivalent and divalent) and UO2 and identify the implications
for UO2 stability
In Task 3, the effects of soluble Mn(II) and Mn(III) species on UO2 stability were
investigated in well-controlled laboratory experiments. Experimental conditions
were designed to study the effects of water chemistry parameters on the kinetics and
pathways of various interactions involving UO2 and soluble Mn species.
The kinetics of oxidative UO2 dissolution by ligand-stabilized Mn(III) was
evaluated using batch experiments. The Mn(III)-pyrophosphate complex was a
potent oxidant that could induce rapid UO2 dissolution at a rate higher than by a
comparable concentration of dissolved O2. The Mn(III)-desferrioxamine B complex
was not able to oxidize UO2. The potency of Mn(III) complexes to oxidize UO2 was
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probably determined by whether the coordination of Mn(III) with ligands allowed
the attachment of the complexes to the UO2 surface to facilitate electron transfer.
The reactivity of soluble Mn(III) was higher at lower ratios of pyrophosphate to
Mn(III) and lower pH, which is probably related to differences in the ligand-to-metal
ratio and/or protonation states of the Mn(III)-pyrophosphate complexes.
The effects of Mn(II) on UO2 dissolution in both oxic and anoxic systems were
investigated using batch and continuously-stirred tank reactors. Under anoxic
conditions Mn(II) inhibited UO2 dissolution, which is probably caused by decreased
exposure of U(IV) surface sites to oxidants caused by Mn(II) adsorption and
precipitation of MnCO3. In contrast, Mn(II) promoted UO2 dissolution under oxic
conditions through Mn redox cycling. Oxidized forms of Mn generated by abiotic
oxidation of Mn(II) by O2 could oxidatively dissolve the UO2 more rapidly than
could the O2 by itself. With the rapid turnover of Mn in the redox cycle,
concentrations of Mn as low as 10 µM could sustain the enhanced UO2 dissolution
rate. The presence of the siderophore desferrioxamine B suppressed the promotional
effect of Mn(II) by stabilizing Mn(III) intermediate species, which effectively
decoupled the redox interactions of uranium and manganese.

8.2 Recommendations for Future Work
The results from the dissertation advanced our understanding of the fundamental
processes involved in the coupling of uranium and manganese biogeochemical
cycles in controlled laboratory experiments. Recommended future work includes but
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is not limited to (1) integrating microbial Mn oxidation processes into the wellcontrolled laboratory experiments; (2) evaluating the feasibility of engineered
processes using microbial Mn oxidation as a remediation strategy for uranium; (3)
addressing the critical knowledge gap about the identification, speciation, reactivity
and biological roles of soluble Mn(III) species in natural aquatic environments; and
(4) performing experiments with field-derived materials and porous media to
evaluate the transferability of the laboratory derived results to the field conditions.
Although some of the present results involve biogenic materials, the processes
investigated in our laboratory experiments were primarily abiotic. Given that the
natural oxidation of Mn is largely driven by microorganism, in future studies it will
be valuable to integrate more biologically active processes in the investigations. It
would be particularly interesting to test whether microbial Mn oxidation could
circumvent the barrier of physical contact between U(IV) and Mn oxides under
certain conditions, given that soluble Mn(III) intermediates may directly access U(IV)
surfaces. Such experiments could be conducted with the multi-chamber reactor with
controlled dissolved O2 concentration. We observed that only catalytic amounts of
Mn(II) (as low as 10 µM) can maintain the enhanced UO2 dissolution by abiotic Mn
redox cycling. More experiments are needed to identify whether there is a threshold
concentration of dissolved O2 necessary to initiate the oxidation of UO2 by coupling
with Mn oxidation.
While the primary focus of the present project was to study the implication of
Mn redox cycling for uranium fate after bioreductive remediation, the strong
adsorption and substantial incorporation of U(VI) to biogenic Mn oxides may be
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potentially harnessed as an alternative remediation approach for some oxic
groundwaters that are not favorable for bioremediation. Engineered as reactive
barriers or reactive zones, injecting oxic Mn(II) solution could stimulate the activity
of Mn-oxidizing microorganisms and promote in-situ production of biogenic Mn
oxides to scavenge U(VI). The feasibility and performance of this process could be
investigated in the laboratory and in modeling of field systems. The stability of the
U(VI) that is then sequestered with the biogenic Mn oxide could be evaluated with
respect to its response to variations of groundwater composition (i.e., calcium,
carbonate and electron donors).
The present results highlighted the general value of improving our knowledge of
the environmental occurrence, chemical speciation, redox activity and biological
roles of aqueous Mn(III). This challenge is related to the complexity of the Mn(III)
ligands in natural and engineered aquatic environments. The stoichiometry,
protonation level and the associated equilibrium constants of many Mn(III)
complexes with important ligands are poorly characterized. Capillary electrophoresis
can be used to identify the charge of the specific aqueous species and may provide
useful constraints for the stoichiometry and protonation levels of the Mn(III)
complexes. More experimental results are needed to evaluate the potency of Mn(III)
as a geochemical oxidant, as it is governed by how Mn(III) is coordinated by various
functional groups of the highly diverse ligands.
Transferring the laboratory results to field conditions is the ultimate goal. Most
of the experiments in this dissertation were conducted using chemogenic materials. It
would be of great interest to evaluate how the results as well as the models based on
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laboratory-derived materials could be extrapolated to field-derived counterparts.
Recent studies have highlighted the complexity of the U(IV) products obtained from
bioremediation under field conditions. There is strong evidence of active Mn
oxidation at the Rifle site, and Mn-oxidizing microorganisms have been isolated
from the Rifle sediment. Field-derived manganese oxides can be retrieved from the
oxic wells at the Rifle site. A possible approach to scale up the present studies to the
field system is to perform 1-D column or 2-D sand box experiments using sediments
from the sites. These experiments can simulate the porous media in the subsurface.
Two-dimensional sand box experiments are expected to provide a model system
representative of an anoxic/oxic redox transition zone, where the impact of the U-Mn
redox coupling on U(IV) oxidation is anticipated to be most significant. Such an
experimental system would allow us to probe the change of uranium and manganese
fate both spatially and temporally.
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